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Abstract 
Spent pot lining (SPL) is a major waste generated in the process of producing primary aluminium (7-
30 kg SPL per tonne of primary aluminium). It is the discarded carbon cathode and refractory lining 
of the smelting pots in the electrolytic process. This waste is classified as hazardous, mainly due to 
its leachable cyanide and fluoride content. This has led to a ban from disposal in landfills or water 
bodies by several environmental laws. Currently, about 1 million tonnes per annum of this waste is 
produced globally. This figure is projected to increase by 6 % per year by 2016. 
Over the years, much research has been carried out to offer an economic method of handling this 
waste, but to date no such method is widely accepted. Previous methods have aimed at inertization, 
but current efforts are driven towards recycling. Chemical leaching, followed by product recovery 
has been found to be a promising option. Previous work has successfully recovered up to 86 % of the 
fluoride values in the form of aluminium hydroxyfluoride hydrate, AlF2OH (AHF). Which could be 
subsequently converted to AlF3 for re-use in the smelters.  There is currently very little information 
available on the properties or methods for obtaining AHF that is suitable for subsequent conversion.  
This project aimed at developing a controlled crystallization process for aluminium hydroxyfluoride 
hydrate from model solutions using established techniques of crystallization to improve the crystal 
properties. It also aimed to provide information on this compound for standard references. Model 
solutions were made to mimic the spent pot lining leachate solution and used throughout the studies. 
AHF was isolated and studied, and useful information of its solubility, supersaturation, metastability, 
crystal habit, nucleation and crystal growth kinetic are obtained. The obtained data is needed for the 
design of a suitable crystallizer/crystallization process.  
Co-precipitation of impurities is a major problem in crystallizing AHF. Major co-precipitates are 
cryolite (Na3AlF6), gibbsite (Al(OH)3) and sodium sulphate (Na2SO4). Results from this study have 
found that when NaOH is used for pH adjustment, a high fluoride to aluminium (F:Al) molar ratio 
favoured cryolite co-precipitation due to increased sodium (Na) in solution. While a low F/Al molar 
ratio favoured gibbsite co-precipitation due to the excess Al in solution. An optimum F/Al molar ratio 
was 2.0 ± 0.2.  
Solubility tests showed that AHF solubility was dependent mainly on the solution pH and to a lesser 
extent on temperature. It decreased with increasing pH/temperature and vice versa. The solubility 
product constant (log Ksp) at 25 oC was obtained as -24.3 ± 0.05. This value holds true for the 
definition of the solubility constant product in terms of the dissociation of AHF into its composing 
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ions. The heat of reaction (ΔHR) was obtained as −25.0 ± 2.9 kJ/mol while the enthropy (∆S) was 
obtained as -549 ± 9 J/K.  
The metastable zone width (MSZW) in the mother liquor was found to be narrow. The nucleation 
thresholds, just like the solubility was best expressed in terms of the solution pH. The corresponding 
supersaturation was however obtainable. At the conditions tested, typical starting solutions were 
saturated from pH 3.0 ± 0.5. At 25 oC, the 3 hour nucleation threshold was reached at pH 4.3 ± 0.2 
which corresponded to a dimensionless relative supersaturation of 23 ± 2. The results strongly 
suggested that the secondary nucleation threshold (SNT) was very close to the primary nucleation 
threshold (PNT) and was treated as inseparable. The metastable zone width was also found to narrow 
with increasing temperatures.  
Measurements were made of the crystal nucleation and growth kinetics. Two methods of generating 
supersaturation were found to be; pH control (partial neutralization) and by water evaporation. Partial 
neutralization promoted crystal nucleation over growth. The nucleation rate had a first order 
dependency on solution supersaturation. The nucleation rate constant Kn was obtained as 5.0 × 1010 
#/min/ (kg slurry)/ (unit α).  The growth constant Kg was obtained as 0.040 ± 0.002 µm/hr/unit α.  
Interestingly, water evaporation promoted crystal growth over nucleation whereby zero nucleation 
was measured. The linear growth rate was obtained as 16 ± 3 µm/hr unit α which was comparable 
to the value obtained from partial neutralization. The evaporation method had the advantage of 
producing crystals with better developed morphology but with higher energy demand and lower yield. 
While partial neutralization had the advantage of higher yields, but produces crystals with lesser 
developed morphology. The crystal morphology is hexagonal, but starts from a flat cubic-like shape 
that exhibits a crystal habit of faster vertical growth, in comparison with growth in the horizontal 
direction. 
Agglomeration of particles containing a few micron diameter crystals was encountered. The particles 
aggregated further upon drying leading to an increase in the volume median size from 80 ± 10 µm to 
200 ± 50 µm. Sample calculation have been provided to show how the obtained crystal properties can 
be used in designing an industrial crystallization process, to produce AHF of desired properties from 
spent pot lining. 
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CHAPTER 1 
Introduction 
1 Introduction 
 General introduction 
Spent pot lining (SPL) is a waste produced in the process of primary aluminium production. It 
contains substantial amounts of fluoride and other harmful components, hence it is banned from 
disposal in open landfills by most environmental laws (Chanania and Eby, 2000). This poses a great 
challenge to the aluminium industry, resulting to several researches into finding ways to mitigate this 
problem. Several methods have been proposed for handling this waste; however none is widely 
accepted, hence research is continuing in finding suitable methods of handling.  
Most of the proposed and even currently practiced methods of handling spent pot lining, are aimed at 
converting it to a benign waste, safe for disposal to the environment. Others just use its carbon 
constituent as fuel, burning off all the other useful fractions. The most efficient method should 
integrate the recovery of as much of the useful component as possible, while also making it 
environmentally safe. This is the inclination of this study; hence the acid leaching method is preferred. 
The acid leaching method of treating spent pot lining, basically involves the digestion of the in-
organic component with a suitable acid (H2SO4). This is followed with crystallizing the possible 
useful products, by treating the solution at conditions that enable the recovery of the target compound. 
Previous studies have obtained; sodium fluoride (NaF), Calcium fluoride (CaF2) (Hamel et al., 2009), 
Cryolite (Na3AlF6) and aluminium hydroxyfluoride hydrate (AlF2(OH). H2O) (Kaaber and 
Mollgaard, 1996).  
Aluminium hydroxyfluoride hydrate (AHF) seems like the most economically attractive, of all the 
possible products that could be obtained from SPL. This is because, it can be converted directly to 
aluminium trifluoride – AlF3, which is constantly added to the aluminium electrolytic cell for primary 
aluminium production. Therefore, AHF has a ready market as well as a high market value. All the 
other possible products (NaF, CaF2, Na3AlF6 etc.) have relative lower market value.  
Previous studies have successfully recovered up to 80 % of the fluoride values of spent pot lining as 
aluminium hydroxyfluoride hydrate (Lisbona, 2009). However, some important properties of the 
aluminium hydroxyfluoride hydrate, that are useful for crystallization process design and 
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optimization have not yet been vastly studied. Such properties include solubility, metastability, 
nucleation thresholds and crystallization kinetics. This study aims to fill this information gap. 
 Research aim 
This work aims to produce aluminium hydroxyfluoride hydrate of large particle size. The work of 
Lisbona, (2009) produced aluminium hydroxyfluoride of particle size less than 10 µm. Crystal 
particle size can be controlled with an adequate knowledge of its crystallization kinetics. The 
characteristics of aluminium hydroxyfluoride hydrate crystallization will be investigated, with a focus 
on growing particles to a size useful to the proposed conversion to AlF3.  
Currently, there is little information in the literature about Aluminum hydroxyfluoride hydrate. 
Hence, the following tasks will be targeted; 
1. Devise an optimum route for isolating high purity aluminium hydroxyfluoride hydrate. 
2. Characterize its physical and chemical properties including; density, water of crystallization, 
chemical composition, particle size distribution, stable temperature range and crystallography. 
3. Design a crystallization process, capable of producing aluminium hydroxyfluoride hydrate of 
desired qualities. 
To control its crystallization and obtain the desired particle size, the following will be investigated; 
I. Thermodynamic solubility in water and acidic solution, at conditions of likely industrial interest. 
II. Temperature dependency of solubility. 
III. Methods of generating supersaturation. 
IV.  Nucleation thresholds and the metastable zone width (MSZW) under the same conditions. 
V. Crystal nucleation and crystal growth kinetics under selected conditions. 
A summary of the research methodological approach used in this thesis is presented in Figure 1.1 
below. 
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Figure 1.1: Outline of the methodological approach. 
 
 Research objective 
The objective of this project is to increase the understanding of the crystallization of aluminium 
hydroxide crystallization from typical solutions modelled after the likely industrial solvents. It is the 
objective of this study to also provide fundamental physical and chemical characterisation data on 
AHF for standard references. The information obtained, would be useful in improving the proposed 
method for recycling fluorides from spent pot lining. SPL leachates are expected to contain more 
compounds than are present in the model solution used in this study. However, the constituents of the 
model solution were chosen to reduce the complexity of interfering ions that may make it difficult to 
understand the real properties of AHF. The crystallization of AHF from actual SPL leachate solution 
can be studied later, after the characteristics of AHF is well established in a semi-pure system. 
 Significance 
It is said that about 7 to 30 kg of SPL is produced per tonne of primary aluminium produced (Hamel 
et al., 2009). Thus SPL disposal has been and still is a big problem for aluminium smelters and 
especially for the big primary aluminium producing countries. Australia is one of the biggest 
producers of primary aluminium, currently ranking 6th in the world. Global consumption of 
aluminium was estimated at 39.6 million tonnes in 2010 and is projected to increase by 6 % per year 
to around 59 million tonnes by 2016 (Kate et al., 2011). Given this projected consumption data, and 
using the upper limit of 30 kg of SPL per tonne of primary aluminium produced, approximately 1.8 
Analyse and characterize the sample synthesized (crystallography, component analysis, 
water of crystallization, density, particle size distribution, yield and purity) 
Thermodynamic solubility measurement (𝐾𝑠𝑝 and ∆𝐻 estimation) 
Supersaturation/metastability measurement (MSZW and nucleation 
thresholds) 
Crystal nucleation kinetics measurement 
Crystal growth kinetics measurement 
Crystallizer process design 
Define an optimum route for bulk AHF Synthesis (Speciation modelling (PhreeqC), determine 
suitable temperature, pressure, pH, concentration, procedure & yield) 
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million tonnes of spent pot lining will be produced yearly, by 2016 on a global scale. This creates a 
desperate need for a generally acceptable treatment process for this hazardous waste. 
 Thesis overview 
This thesis is organised as follows. Chapter 2 reviews the aspects of spent pot lining relevant to this 
study. It includes such topics like the generation, available options of handling SPL and the recovery 
of SPL’s fluoride values in the form of aluminium hydroxyfluoride hydrate. Chapter 3 reviews the 
basic principles of crystallization and crystallizer design. Chapter 4 presents the experimental 
methods and apparatus used in this study. Chapter 5 discusses the synthesis route, physical and 
chemical characterization of aluminium hydroxyfluoride hydrate. 
Chapter 6 contains a detailed study of the solubility of aluminium hydroxyfluoride hydrate in water 
and acidic solutions. Chapter 7 presents the nucleation thresholds and determines the metastable zone 
widths (MSZW) of AHF in typical crystallizing solutions. Chapter 8 provides information on the 
nucleation and growth kinetics of aluminium hydroxyfluoride hydrate in its mother liquor. Chapter 9 
explores the effect of temperature on crystal growth and investigates the growth mechanisms and 
crystal habit. Chapter 10 uses all the information from the previous chapters to propose a possible 
crystallization process for obtaining crystals of the desired properties. 
Chapter 11 presents conclusions of the entire thesis, by summarizing all the results obtained in this 
study and making inferences on their possible application. It also identifies some of the gaps of this 
work, thereby providing a vision for future studies. The final pages contain the appendices, which are 
the primary data from which the results were obtained.  
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CHAPTER 2 
Literature Review on Spent Pot Lining 
2 Literature Review on Spent Pot Lining 
 
 Introduction 
Recovery of the fluoride values of spent pot lining in the form of aluminium hydroxyfluoride hydrate 
is one of the many options for its recycling. This chapter reviews the generation, composition and 
environmental impact of spent pot lining. It then examines the other industrial and theoretical methods 
for handling this waste. The advantages of recycling in the form of aluminium hydroxyfluoride 
hydrate (AHF) is also delineated as AHF is a relatively sparsely studied compound. The available 
information on its synthesis, crystallography, physical and chemical characteristics, and other 
relevant information from accessible literature is presented. 
 
 Overview of SPL  
Spent pot-lining is the used/discarded carbon cathode-lining of the electrolytic cells (or pots) of an 
aluminium smelting plant. It is classified as a hazardous waste and its disposal in landfills is 
prohibited by most governments (Chanania and Eby, 2000). Globally, about 1 million metric tons of 
SPL is produced annually. The lining is discarded when its integrity is compromised, which occurs 
in a variable period, usually 3-8 years from the time of installing a new lining (Courbariaux et al., 
2004). Various factors contribute to cause this lining degradation including, mechanical stress, 
electrolyte penetration and side reactions (Lossius and Øye, 2000). Figure 2.1 shows a schematic of 
a typical aluminium electrolytic cell. 
Aluminium production involves the reduction of alumina (aluminium oxide - Al2O3) in an electrolytic 
cell according to Equation 2.1. The cell is made up of a steel pot containing the electrolyte and 
alumina, with electrodes comprising of carbon anode and graphite cathode. The cathode is lined on 
the pot so that aluminium ions, being positively charged, will stream to the bottom to be reduced to 
aluminium metal and later be syphoned off. There is also a refractory lining between the steel pot and 
the graphite cathode usually made from aluminosilicates (Al2O3-SiO2). (Courbariaux et al., 2004). 
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Figure 2.1: A simplified schematic of the aluminium electrolytic cell. 
 (Srimanta, 2011). 
 
2 Al2O3 + 3 C → 4 Al + 3 CO2  (2.1) 
For the reaction in Equation (2.1) to occur, the alumina needs to be in molten form to enhance ionic 
mobility. Ordinarily alumina melts at about 2050 oC. To reduce the energy demand of the process, 
cryolite-Na3AlF6 (80 – 85 %) is mixed with the alumina (2 – 8 %) to obtain an eutectic system. This 
melts at a reduced 950 oC which is the eutectic temperature of this pair (Chanania and Eby, 2000). 
The cryolite composition is maintained by the reaction on Equation (2.2) known as the cryolite 
balance. 
3 NaF + AlF3 ↔ Na3AlF6  (2.2) 
 
The cryolite balance is usually distorted in the course of aluminium production. And cryolite is 
responsible for most of the electrolyte properties that make the smelting process possible. It is not 
used up in the process, but some losses occur through vaporisation, hydrolysis and penetration into 
the cathode. Sodium impurities from the alumina feed make up for the sodium losses that occur. 
However during normal processes AlF3 is depleted - as a result of side reactions, hence AlF3 is added 
constantly throughout the life of a typical smelter. Aside from maintaining the cryolite balance, it also 
lowers the solubility of the reduced aluminium, enabling it to be siphoned from the bottom of the 
electrolytic pot (Lumley, 2011). 
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 Composition of SPL 
The composition of SPL varies from plant to plant, from cell to cell and even with time within the 
same cell (Lossius and Øye, 2000). Various factors contribute to this variability some of which 
include; cell design, cathode materials, side reactions, operating times, shut down time and electrolyte 
composition (Brisson et al., 2005). Most of the chemical components of SPL are direct constituents 
of the electrolytic bath that infuse the carbon cathode and subsequently the refractory lining. While 
some of the phases are additives to the bath, others are produced from side reactions. (Brilloit et al., 
1993).  
The hazardous content of spent pot lining has been reported per kg SPL to include; polycyclic 
aromatic hydrocarbons (PAH) (0.005-200 mg/kg) and cyanide (18 - 2,400mg/kg). The major forms 
of cyanides were identified to be NaCN, Na4Fe(CN)6 and Na3Fe(CN)6. Fluorides are mostly in the 
form of sodium fluoride and have been reported to be in the range of (230 - 135,000 mg/kg). Other 
reported forms of fluoride include, Na3AlF6 and CaF2. (Chanania and Eby, 2000). Table 2.1 shows a 
typical composition of spent pot lining. 
Table 2.1: Predominant compounds/phases in a typical SPL. (Lisbona, 2009) 
Comp. Carbon NaF Na3AlF6 CaF2 Na2CO3 NaAlO2 NaAlSiO4 Cyanides 
 wt.% 20 - 40 8 - 16 7 - 14 3 - 7 6.5 5 - 10 3 - 7 0.1 - 2 
 
 Environmental Impact 
SPL was not treated as a hazardous waste until the late 1980’s. Historically, disposal methods 
involved open storage, land filling or even dumping in water bodies (Pong et al., 2000). These 
improper disposal methods caused significant pollution of land and water (Turner et al., 2008). This 
led to the US Environmental Protection Agency (EPA) ruling of SPL as a hazardous waste in 1988, 
and subsequently its open disposal was banned in several countries thereafter. (Chanania and Eby, 
2000). This point marked the birth of numerous research aimed at detoxifying SPL and/or recovering 
its valuable constituents mainly, fluorides, aluminium and carbon. 
SPL is considered hazardous mainly because of its cyanide (up to 1%) and leachable fluoride content 
(up to 20 %). It also contains a significant amount of polycyclic aromatic hydrocarbons and toxic 
gases (Lisbona, 2009). The anode is made from petroleum coke in aggregate with pitch which 
contains diverse organic components that can end up in the spent lining.  
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Cyanide is known to be very dangerous to almost all classes of animals. HCN was the toxic agent 
used in gas chambers during world war II and poisoning can occur through ingestion, inhalation and 
skin contact. It is documented that only a few milligrams (1.5mg/kg body weight) can kill humans. 
Death of birds and mammals can occur in the parts per million range, while fish and other aquatic life 
are killed in the parts per billion range (Dunbar and Heintz, 1997). Cyanide poisoning is one of the 
main causes of massive deaths of aquatic animals and birds (Eisler, 2007). Its pollution is very 
persistent in ground waters and is quite difficult to get rid of once contamination occurs (Meeussen 
et al., 1992). Therefore the 1% cyanide content in SPL is very significant, it is found in the form of 
NaCN, Na4Fe(CN)6 and Na3Fe(CN)6 
Fluorides (above certain limits) are equally toxic to aquatic and terrestrial animals. Fluoride inhibits 
enzyme activity and eventually stops metabolic activities such as glycolysis and the synthesis of 
proteins.  High concentration of fluoride in water is the main cause of skeletal fluorosis. It tends to 
be accumulated in the exoskeleton of invertebrates and in the bone tissue of fish (Camargo, 2003). 
Fluoride can either inhibit or enhance the population growth of algae. This depends on the fluoride 
concentration, exposure time and algal species. While an increase in algae population may be good 
for some aquatic life that feed on them, this generally leads to a high biological oxygen demand. The 
main sources of fluorides in SPL are; cryolite (Na3AlF6), chyolite (Na5Al3F14), NaF and CaF2. 
However CaF2 does not represent a major threat as it is insoluble in most solvents in the natural 
environment (Lisbona, 2009). 
SPL also contains significant amounts of polycyclic aromatics (PAHs) and toxic gases like PH3 
(Phosphine). PAHs are a large group of organic compounds with two or more fused aromatic rings. 
They are known to have carcinogenic, teratogenic and mutagenic properties, which largely depends 
on their molecular structure (Srogi, 2007). When SPL is disposed in landfills, PAHs can contaminate 
underground water. Being only slightly soluble in water, PAHs remain undissolved for a long time. 
When in contact with water, SPL can release toxic gases such as PH3 and NH3 and acidic gases like 
HF and HCN according to the reaction represented in Equation (2.3).  
Hydrolysis of sodium cyanide to form poisonous hydrogen cyanide;  
NaCN + H2O → NaOH + HCN (2.3) 
 
Also, aluminium carbide can be formed from poor SPL disposal. This readily reacts with water to 
form methane according to the reaction represented in Equation (2.4). It can also form hydrogen and 
acetylene gas which are both highly flammable. When stored in an enclosed building this organic 
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content builds up and could lead to an explosion. The products of the following reactions of such 
possible explosions are also harmful through inhalation when accumulated in confined spaces. 
Formation of methane by aluminium carbide and water; 
Al4C3 + 12 H2O → 4 Al(OH)3 + 3 CH4 (2.4) 
 
 SPL treatment/Handling options 
Over the years, various methods have been proposed for the handling/treatment of spent pot linings. 
While some have been implemented industrially, others have only made it through to a pilot plant 
stage. A lot more have only been laboratory scaled or are concepts yet to be proven. To date, there is 
no widely accepted commercial method of treatment. This is mainly because the currently available 
methods each have major limitations. 
According to Lisbona (2009) the various options for SPL treatment can be grouped by four main 
criteria. These are; the ultimate aim of the process, the physio-chemical principle applied, the 
product/s recovered and the degree of industrial development of the proposed technology. This 
classification was based on the available technologies up to 2009, however it is believed to be relevant 
to date. 
Classification based on ultimate aim of treatment 
In terms of the ultimate aim of SPL treatment, available technologies could be grouped into three 
categories; inertisation, co-processing and material recycling. Inertisation describes processes that 
only aim to make SPL a benign waste suitable for disposal to the environment while co-processing 
aims to utilise a few components of SPL in industries other than the aluminium industry.  
The downside of these two methods is that they do not fully recover the valuable potentials of SPL. 
In fact, inertisation completely wastes these potentials. On the other hand, co-processing 
(predominantly in cement, steel and brick manufacture) uses mainly the carbon content of SPL, 
partially wasting the other valuable components. Material recycling on the other hand tries to recover 
as much valuable products of SPL as possible while also generating by-products that are useful or 
environmentally friendly. 
Classification based on physicochemical principle of process 
Irrespective of the ultimate aim of SPL treatment, the available technologies can also be classified 
according to the physicochemical principle applied. According to a review by Young et al., (2001), 
three classifications have been identified which are; physical separation, chemical leaching and 
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thermal treatment. Physical differences between the organic and inorganic fractions of SPL have been 
exploited to separate its different components. Some of these properties include density, water affinity 
and particle size.  
Chemical approaches aim to selectively dissolve the components of SPL using discriminating 
solvents. The dissolved ions are subsequently reacted and compounds of choice precipitated. The 
thermal approach has mostly utilised the fuel value of the graphite component. However some 
approaches have also recovered other valuables. 
Classification based on final product (post-chemical leaching) 
 In addition to the above criteria of classifications, the treatment technologies can also be classified 
based on the final product. The major chemical processes identified have targeted fluoride 
beneficiation, producing such compounds like; CaF2, NaF, Na3AlF6, Na5Al3F14, AlF3 and AlFxOH(3-
x).nH2O (aluminium hydroxyfluoride hydrate). 
Classification based on level of development 
Classification according to the degree of industrial development mainly looks at the response of 
industry to the proposed method. This partially suggests the viability of the method. Although no 
explicit classification groups have been identified in literature, four categories can be identified which 
are; theoretical proposals, laboratory proven methods, pilot scaled methods and full industry applied 
processes (Lisbona, 2009).  
 Current Industrial methods 
Three major technologies have been identified with a reasonable level of prior industry acceptance. 
This includes techniques that have received significant levels of development resulting to pilot and 
full-scale trials. These are Ausmelt technology, the Alcan low caustic leach & liming process (LCL 
& L) and SPL co-processing in cement production. While the first applies thermal treatment, LCL & 
L uses chemical leaching principles and the latter exploits the energy and valuable chemical contents 
of SPL. 
The Ausmelt Process 
The Ausmelt process grew from a research for an SPL treatment process to a semi-industrial facility 
in 2001 capable of treating up to 12,000 tpy (tonnes per year) of SPL. The technology is based on 
pyrometallurgy (Pawlek, 2006). The main feature of the process is the use of oxygen enriched air to 
combust SPL with a mixture of fluxing agents. This produces a hydrogen fluorine laden gas which is 
converted to aluminium fluoride and an inert slag (Mansfield et al., 2002).  
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This process has met with lots of challenges, several of which have prevented its full scale industrial 
application. Firstly the cost figures published suggests that the cost of the process outweighs the value 
of the products produced. Also, it is reported that due to the corrosive nature of the vaporised HF, the 
life expectancy of the plant is expected to be about sixteen months only (Lisbona, 2009). To keep the 
plant environmentally safe, the process has to operate under vacuum to prevent the accidental 
discharge of HF to the atmosphere, adding to operational costs.  
The addition of flux/reactant materials, required in this process, generates more waste tonnage than 
the original SPL mass (1.15 tonnes of inert vitrified slag for each tonne of SPL treated). Although it 
was proposed that the waste can be used as road base or concrete aggregate (Reverdy, 1998), there 
has not been any demonstration of this over the years of this plant’s operation. Most importantly, 
while it is claimed that the slag produced have leachability qualities that conform to the Victorian 
EPA criteria, (Mansfield et al., 2002), it was observed that the results obtained might not meet the US 
EPA standard. This localises this process and hence limits its wide acceptance in other regions of the 
world with similar standards. 
 
The Low Caustic Leaching & Liming Process (LCL & L) 
The main features of the LCL&L process involves the initial water leach of ground SPL, followed by 
a caustic leach of the alkaline soluble fractions (Kasireddy et al., 2003). NaF product is obtained by 
crystallization using solvent evaporation to effect supersaturation. Calcium hydroxide (Ca(OH)2) is 
also used to precipitate CaF2 from the liquor as a product. Cyanide is destroyed by hydrolysis at 
180oC. The leached cathode material becomes a carbonaceous by-product (CBP), leading to three 
possible products.  
Though this process has been commercialised, its three main products are of low value economically. 
This suggests that design of the process was more focussed on SPL inertisation rather than recycling 
(Hamel et al., 2009). Only one plant has been reported to apply this method (Kimmerle et al., 2001). 
Co-Processing In Cement Plant 
Co-processing of SPL in cement production became prominent in the early 2000s (Lisbona, 2009). 
However few industrial scaled applications of this concept have been reported. The few cases of use 
have involved companies that own both smelters and cement plants. Alcoa reported that this concept 
has been applied to process SPL in their Point Henry operation in Australia (Alcoa, 2012), and for 
the processing of 13,000 and 8000 tonnes of SPL in South America. In Brazil it was reported that 
SPL from an aluminium company ‘ALUMAR’ was processed in a cement plant of ‘Cimento Poty 
S/A’(Gomes et al., 2005). The only significant advantage of co-processing SPL is in the utilisation 
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of the energy potential of its carbonaceous composition and also the elimination of an environmental 
liability (Gomes et al., 2005). 
However, co-processing of SPL in a cement plant has presented significant problems that have limited 
its propagation. A processing attempt in Alcoa Aluotte (Canada) was reported unsuccessful in 2008 
due to high operational cost. A statement by the Aluminium Institute highlighted that adapting cement 
plants to SPL processing was not economical for a majority of cement manufacturers (Lisbona, 2009). 
It suggests that this process is a possibility only where the aluminium smelter also owns a cement 
plant or at least the two have some collaboration.  
The downside of this process is mainly in the attack of metallic parts by HF given off. It is reported 
that the refractories of the cement plant could only last 6 months with a possible extension to a 
maximum of 10 months (Gomes et al., 2005). The other major disadvantage is the effluent of the 
cement plant falling short of the environmental allowable limit especially in CO emission. Most 
importantly, the quality of the cement was compromised. The setting time was observed to have 
increased and also a loss of final compression strength of the cement. 
From the above, it can be deducted that there is yet to be a well-accepted method of handling SPL. 
Hence, research is continuing, in finding an economic solution to this problem. The chemical leaching 
methods will now be considered in more detail as this is the method of choice in this thesis. 
 Chemical leaching methods 
The available chemical leaching methods for SPL treatment have exploited solubility and 
precipitation principles in extracting the useful components of SPL. In doing this, various solvents 
have been used to selectively leach the target component, followed by further reaction with other 
chemicals (that may or may not be found around the smelter) to effect precipitation. The choice of 
chemicals and the conditions of reaction depend on the target product. 
A majority of the target products identified in literature are fluoride compounds. The main ones being 
NaF, CaF2, Na3AlF6, AlF3 and AlF2(OH).nH2O (aluminium hydroxyfluoride hydrate). NaF is easily 
leached by washing SPL with water. Mineral acids and bases have been successfully used to dissolve 
Na3AlF6 and CaF2 (Kimmerle et al., 2001). The recovery of these reagents has also been 
demonstrated. CaF2 was recovered by addition of Ca(OH)2, NaF and Na3AlF6 by evaporation (Besida, 
2001). Aside from evaporation being energy demanding, NaF is of low market value since it is not 
consumed as much as AlF3 in a typical smelter. The CaF2 produced by this means is also of low 
market value and limited quality.  
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The most valuable products from the list of products obtainable from chemical leaching are AlF3 and 
aluminium hydroxyfluoride (AHF). While AlF3 is constantly needed in the smelter to maintain the 
cryolite balance (Thonstad et al., 2001), AHF can be easily incorporated into the AlF3 production 
process (Lisbona, 2009). The available reports on AlF3 production from SPL have involved very 
complex/expensive processes (Mansfield et al., 2002). This is mainly because the possible easy routes 
have not been successful in precipitating AlF3 due to its high solubility in water 17 g/l. Of a bigger 
problem is its known metastability of about 200 – 250 g/l which can delay crystallization by several 
hours (Grobelny, 1977). 
A method demonstrated by Pong et al.,(2000) though successful in precipitating AlF3, involved the 
use of highly toxic HF, and other expensive acids like fluorosilic acid (H2SiF6) and ammonium bi-
fluoride (NH4HF2). Moreover calcination at 500 
oC was used to get the final product, increasing the 
energy demand of this method. 
 Recovery as aluminium hydroxyfluoride hydrate (AHF) 
Recovery of fluoride values from SPL in the form of AHF seems the most economical of the available 
options. A method reported by Lisbona, (2009) suggests that very cost effective reagents and low 
temperature can be used in this process. In his work, water wash was used to remove the water soluble 
NaF, followed by an acidic Al3+ leach to remove Na3AlF6 and CaF2. The water wash and the Al
3+ 
leachate solution were subsequently mixed to get fluoridated AlF2
+ species. Addition of NaOH and 
pH control was used to precipitate AHF. This method proves very attractive as the overall cost of the 
process is low. A cheap source of acidic Al3+ solutions was identified from the aluminium finishing 
industry. 
Figure 2.1 shows a schematic of the proposed process for processing SPL into AHF. The scheme 
includes SPL grinding, water leaching, Al3+ solution leaching, mixing of water and Al3+ leachates, 
and precipitation of AHF. The grinding stage involves the crushing of SPL particles to sizes that 
provide sufficient surface area for leaching. According to Lisbona and Steel (2007) the optimum 
particle size for mineral liberation from SPL is < 53µm. As described, water leaches NaF while the 
acidic Al3+ leach dissolves the less water-soluble components such as cryolite and CaF2. The Al
3+ 
solution could be produced by mixing Al(OH)3 supplied from an alumina plant with H2SO4. Al
3+ 
solution was found to be more effective than acid or alkaline solutions in dissolving cryolite (Kaaber 
and Mollgaard, 1996). This was thought to be due to the formation of the very stable aluminium 
complex AlF2+. 
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Figure 2.2: Block flow diagram for SPL recovery as AHF.Modified from Lisbona (2009). 
 
Experimental results from Lisbona and Steel (2008) showed that 76 – 86 % of the fluoride in SPL 
could be recovered through this process, and that the residual graphite is more than 87 wt. % carbon. 
This is a far greater extent of fluoride recovery and a graphite purity exceeding that of the currently 
available commercial methods. Cyanide would dissolve in the water leach but could be destroyed 
through oxidative means at that stage. Cyanide treatment methods are well studied and is out of scope 
for this thesis. Known methods of cyanide destruction are thermal chlorination (Gail et al., 2004), 
thermal hydrolysis (Fortin et al., 2000), oxidation with ozone (Barriga-Ordonez et al., 2006), 
oxidation with hydrogen peroxide (Gail et al., 2000) or photo-catalysis (Hernández-Alonso et al., 
2007). The graphite can be re-used in making new anode materials or in cement co-processing. 
 Justification for method 
Previous studies have shown that the recovery of SPL in the form of aluminium hydroxyfluoride 
hydrate may be one of the most economical processing route (Lisbona and Steel, 2008). The process 
is simple, uses cost effective reagents, has relatively low energy demand, and produces economically 
viable products. The main product, aluminium hydroxyfluoride hydrate (AlF2(OH).XH2O),is of 
higher value than the NaF, CaF2 or cryolite produced by other methods. Moreover the AHF process 
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can be readily integrated into the current AlF3 production scheme with little modification. This is 
partly due to the chemical similarly of AlF2(OH) and Al(OH)3 which is the feed material for AlF3 
production. 
AlF3 is needed constantly throughout the life of a smelter and it constitutes a major cost in primary 
aluminium production. It is usually produced by the reaction of HF and gibbsite, and the HF is 
obtained from fluorspar which is a scarce mineral. Most smelters are located away from fluorspar 
sources (e.g. Australian smelters) and have to import AlF3 directly. 
The integration of AHF production with AlF3 production offers the benefit of lower HF requirements 
and less water of reaction. This in turn prolongs the life of materials due to reduced corrosion. The 
integrated process also successfully completes the loop by recycling SPL back into the smelter as 
carbon and inorganics. Equations (2.5) and (2.6) give the respective reactions for the current AlF3 
production scheme and the proposed integrated scheme. 
Current AlF3 production scheme 
Al(OH)3 + 3 HF → AlF3 + 3 H2O  (2.5) 
 
AHF integration 
AlF2OH + HF → AlF3 + H2O  (2.6) 
 
 
Figure 2.3: Proposed AHF integration into AlF3 production process. 
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Summary of Justification for the Proposed Scheme 
The proposed processing scheme offers strong advantages over the present industrial scale SPL 
treatment methods, including; 
 Simplicity 
 More useful products 
 High fluoride yield and high product purity 
 Recovery of graphite with greater purity 
 Suitability for integration to any type of smelter 
 Low energy demand 
 Cost effective reagents and the use of less reagent and  
 Recyclability of the main product into the smelter.  
 Available Information for aluminium hydroxyfluoride hydrate 
There is sparse information for aluminium hydroxyfluoride in the open literature. Part of the reason 
is that there has not been much industrial use for this compound previously. Some early studies only 
encountered this compound by accident while investigating other compounds (Roberson and Hem, 
1968), while others encountered it as a mixed phase with other compounds.  Two major phases of 
aluminium hydroxyfluoride hydrate have been identified from literature. These are, the hexagonal 
tungsten bronze (HTB)-type simply known as the β-type, and the pyrochlore - type (Lisbona, 2009). 
The two types differ in the arrangement of their internal structure.  
The HTB β type is made of a network of corner sharing AlF6 Octahedra according to Figure 2.4b. It 
has a higher density (2.8 gcm-3) and  fluorine content (AlF2.5OH0.5) when compared with the 
pyrochlore type (Dambournet et al., 2008b). The hydroxyls are located outside of the channels and 
are responsible for its Lewis acidity (Demourgues et al., 2002). It most often crystallizes without any 
water of crystallization.  
Whereas, the pyrochlore type network is made up of a corner sharing Al(F,OH)6 octahedra, forming 
a three-dimensional channel system according to Figure 2.4a (Dambournet et al., 2008a). It has a 
lower density (2.5 gcm-3) and fluoride content (AlF1.5OH1.5), and can exists as a hydrate or anhydrous 
salt. Its water molecules are present inside the channel and interact with the F or OH within its 
vicinity. It also exhibits Lewis as well as weak Bronsted acidity. (Dambournet et al., 2008a) 
The HTB β type is mainly produced by thermal decomposition, while the pyrochlore type is easily 
synthesized from ionic solutions containing Al, F and OH. Hence the latter is of more interest in this 
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work. However, most times these phases are synthesized as mixtures (Demourgues et al., 2002). The 
composition could range from AlF(OH)2 to AlF2(OH). Usually, this compound’s structure is stable 
up to 500 oC after which in loses its water of crystallization as  observed by a contraction of the crystal 
lattice (Cowley and Scott, 1948). 
Aluminium hydroxyfluoride phases have only recently received more attention due to their potential 
use as heterogeneous catalysts in various applications  (Demourgues et al., 2002). Their Lewis acid 
sites are responsible for their suitability for catalytic activity and this increases with increased surface 
area (Demourgues et al., 2002). Previous studies have measured the particle sizes at different 
conditions, and were mostly in the nanometer range. Dambournet et al. (2008a) measured the 
crystallite size of the pyrochlore type to be 12 nm.  
  
Figure 2.4: Different types of AHF phases. 
(a) The pyrochlore AlF3-x(OH)x.H2O network (Dambournet et al., 2008a), (b) The (HTB)- β AlF3-x(OH)x.H2O phase 
network (Demourgues et al., 2002). 
 Presence in Nature 
Aluminium hyrdoxyfluoride has been described as a ralstonite-like mineral with this group of 
minerals having the general formula NaxMgxAl2-xF6-y(OH)y.nH2O (Rosenberg, 2006). The Na and 
Mg free end member, Al16(F,OH)48.12 – 15 H2O occurs in nature. It has been observed in furamolic 
deposits, alkali granites, in carbonatite veins as well as in Ivigtut cryolite deposit in Greenland 
(Rosenberg, 2006, Africano and Bernard, 2000). 
 
 Aluminium hydroxyfluoride Hydrate (AHF) Empirical Formula 
The term aluminium hydroxy fluoride (AHF) has been used in the literature to represent compounds 
with combinations of Al, F, OH and H2O at different proportions. Some of the cited materials  are 
a b 
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AlF(OH)2, AlF2(OH) (Cowley and Scott, 1948), Al2(F,OH)6 (Roberson and Hem, 1968) Al2F6-
y(OH)y.nH2O (Rosenberg, 2006), AlF2.5(OH)0.5 (Grobelny, 1977)AlFx(OH)3-x (Stosiek et al., 2008),  
AlF2.3(OH)0.7.H2O (Menz et al., 1992), AlFx(OH)3-x.H2O (Scholz et al., 2010), AlF2(OH).1.4H2O 
(Lisbona, 2009) etc.  
While it is obvious that there are different compositions of this mineral, it is not clear if some of the 
differences in the reported values for composition and water of crystallization are due to possible 
errors in the measurement methods adopted. One of the focuses of the present work is to derive or 
confirm the actual empirical formula for this compound. However, for calculation purposes, the most 
commonly used AlF2(OH).H2O will be adopted and where necessary the general formular Al(F,OH)3 
will be used. 
 Solubility and Solubility Constant 
There is scant literature for the properties of AHF. Previous work by Katorina et al.,(1980), measured 
the solubility of AlF2(OH) at 25 and 70 °C using a potentiometric method with the aid of a fluoride 
electrode.  At 25°C, the solubility was reported as 1.88 ± 0.08 × 10-3 g/L and the log Ksp was -13.6 ± 
0.06; at 70 °C, the values were 4.08 ± 0.16 × 10-3 g/L and the log Ksp was  -12.6 ± 0.05, respectively. 
A log Ksp value of -22.95 at 25 
oC, said to be from National Institute for Standards and Technology 
(NIST) was cited by Lisbona,(2009). The same work contains the most recent data on AHF Ksp (Table 
2.1). While data of Lisbona (2009) data are said  to be quite close to the NIST data at 25oC, they differ 
considerably from the above result by Katorina et.al.,(1980). The work by Lisbona (2009) was not 
measured by dissolving high purity AHF but was conducted by leaching SPL with anodising waste 
solution and subsequently precipitating AHF using NaOH. The solution was analysed for the ions of 
concern, and Ksp values calculated. 
Table 2.2: AHF’s Ksp values at several temperature. Modified from Lisbona (2009). 
Temp (oC) 30 50 60 70 90 
Log Ksp [AlF2(OH)] -15.7 -23.8 -22.7 -25.7 -22.2 
 
 XRD Reference 
The XRD of AHF was measured by Fourquet et al. (1988) and is now in XRD databases. In this work, 
AHF was obtained from thermolysis of [(CH3)4N)]AlF4.H2O or amorphous AlF3.xH2O (x < 0.5). This 
reaction was performed in a dehydrating environment at 450oC. The chemical analysis of the product 
suggested its composition as 32.2 % Al and 67.7 % F and its density to be 2.5 g/cm3. This compound 
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was described as quasi-pure t-AlF3 and its XRD data (Table 2.3) is the standard reference used for 
aluminium hydroxyfluoride hydrate in the Eva search matching software used in the present study. 
Table 2.3: XRD of AHF reference in Eva.  
Angle 2-Theta d value Angstrom 
 
Angle 2-Theta d value Angstrom 
15.5509 5.6935 61.6239 1.5038 
30.0293 2.9733 62.4116 1.4867 
31.3984 2.8467 65.5246 1.4234 
36.4137 2.4653 67.809 1.3809 
39.8111 2.2624 73.7398 1.2838 
44.9986 2.0129 77.3456 1.2327 
47.8926 1.8978 83.0241 1.1622 
52.4442 1.7433 85.8344 1.1312 
55.0458 1.6669 88.6403 1.1025 
59.2106 1.5592   
Obtained from (Le Bail et al., 1992). 
 
 Previous Synthesis Methods 
Previous studies have synthesized AHF using different methods and reagents. Cowley and Scott, 
(1948), prepared AHF at 100 oC by the addition of ammonia to solutions of aluminium sulphate 
containing varied proportions of aluminium to fluoride. Equation (2.7) represents the reaction that 
occurred. 
6NH4OH + Al2(SO4)3 + xAlF3→ 3(NH4)2SO4 + Al2+x(OH)6F3x  (2.7) 
 
Grobelny, (1977) precipitated AHF by  the reaction of H2SiF6 with Al(OH)3 at 80 - 100 °C and 
pressures up to 20 atm. It was observed that cryolite was co-precipitated with AHF at 25 oC and pH 
between 2.0 and 6.8. The reagents used were aluminium perchlorate, sodium fluoride and sodium 
hydroxide. The AHF co-formed was described by the author to be a ralstonite mineral with the  
formula Al2(F,OH)6 (Roberson and Hem, 1968).   
A patent for the production of AHF was obtained by Harreu, (1961). In the method, AHF was obtained 
by the mixing of an aqueous solution of aluminium chloride with calcium fluoride in particulate form 
(Equation (2.8). The resulting solution was said to contain aluminium chlorofluoride and calcium 
chloride, and the pH was adjusted to between 1.2 and 4.0.  An aluminium oxy-compound was also 
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added and the resulting solution was heated to a temperature between 40 to 90 oC to precipitate AHF 
(Equation (2.9). 
AlCl3 + CaF2 → AlF2Cl + CaCl2   (2.8) 
 
3AlF2Cl + Al(OH)3 → 3AlF2OH + AlCl3   (2.9) 
 
In this thesis attempts to make AHF will involve crystallization from mixing a dissolved aluminium 
salt with a soluble fluoride salt (e.g. NaF). 
 
 Crystallography 
The crystallographic structure of the pyrochlore type aluminium hydroxy fluoride was first solved by 
Fourquet et al. (1988) and later works by Dambournet et al. (2008a) by means of X–rays and neutron 
powder diffraction. They belong to cubic crystal system with space group Oh –Fd3m. The crystal 
structure has randomly scattered F atoms and OH groups in the 48f sites. According to Cowley and 
Scott (1948) the crystal lattice constant decreases with increasing fluorine content from 8.85 to 9.77. 
In the hydrated phase, the oxygen atoms of the water molecules are said to be located at the 8b position 
while the hydrogen atoms are spread over the 96 g positions. Hydrogen atoms of the hydroxyl groups 
are located on the 48 f positions. A summary of the important crystallographic data is summarized on 
Table 2.3. 
 
 
Table 2.4: Crystallographic data of Rietveld refined AHF XRD*(Fourquet et al., 1988), 
#(Dambournet et al., 2008a). ‘w’ stands for water of hydration.. 
Atom Site X Y Z 
Al 16c 0*,  0# 0*, 0# 0*, 0# 
F 48f 
0.3159*, 0.3124# 0.125*, 0.125# 0.125*, 0.125# 
O 48f 
Ow 8b 0.375* 0.375# 0.375*, 0.375# 0.375*,0.375# 
H 48f 0.399* 0.375* 0.375* 
Hw 96g 0.366* 0.366* 0.260* 
Structural data 
Space group Fd-3m* Fd-3m#  
Unit cell constant 9.8614 (1) Å* 9.7309 (1) Å#  
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 Previous crystal growth attempts 
Previous investigations have used different methods to attempt the growth of the AHF crystals. So 
far, none of these have satisfactorily achieved this purpose. Lisbona (2009) applied homogenous 
seeding (with AHF seed crystals) of an aluminium nitrate solution at pH static conditions and a 
temperature of 70 oC. Though some growth was observed, the products were agglomerated, fragile 
and prone to attrition. The addition of caustic to maintain the set pH had the negative effect of 
promoting secondary nucleation. Further trials with heterogeneous growth on gibbsite crystal at pH–
static conditions, resulted to limited spontaneous nucleation but yielded mixed gibbsite/AHF crystals 
products. Slow release of hydroxyls by the decomposition of urea at 90 oC favoured larger AHF 
crystals. It however had the disadvantage of impurities and higher process cost. 
 Conclusion 
The generation, composition and environmental impact of spent pot lining have been reviewed. 
Options available for handling this hazardous waste have also been identified. Methods already 
practiced industrially or at least gone beyond laboratory stage have been analysed, and the need for 
more research highlighted. The recycling of SPL in the form of AHF has been proposed and the 
advantages listed. Information about AHF relevant to the current study from previous studies has 
been presented.  
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CHAPTER 3 
Literature Review on Crystallization 
3 Literature Review on Crystallization 
 Introduction 
This chapter reviews the basic principles and theories of crystallization and crystallizer design.  It 
focuses on those concepts that are practised industrially and are relevant for the possible application 
in the crystallization of aluminium hydroxyfluoride hydrate from spent pot lining leachate solutions. 
 Crystallization 
Crystallization could be described as a chemical or physical process that produces a crystalline solid 
product from other phases which could be solid, liquid or gaseous. The liquid phase could be a melt 
or a solution. But in this work, crystallization is limited to the context of the latter. However it is 
recognised that in some instances it is difficult to differentiate the two. Crystallinity is the orderly 
arrangement of the components (atoms, molecules or ions) of a substance in a fixed and unique 
pattern, characteristic of the particular substance. The opposite is amorphism, which is the occurrence 
of the components in a random/disorderly manner.  
Crystallization is a widely used process for the separation and purification of useful products in the 
chemical industry. It has the advantage of low capital and operating costs and is usually a single unit 
operation. A crystallization process is usually aimed at purity, yield, crystal size distribution or shape 
(morphology). As a solid-liquid separation process, solute mass transfer occurs from the solution 
(liquid) to a crystalline (pure) solid phase. The driving force for this process is the degree of 
supersaturation. A solid phase crystallizes if its chemical potential (µi), in solution (µi,L) is higher than 
its chemical potential in its pure solid state (µiS) as presented in Equation (3.1). 
 
∆ µi = µi,S - µi,L   (3.1) 
 
Crystallization occurs when ∆ µi < 0, where ∆ µi is the chemical potential difference. 
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 Solubility 
Solubility is the maximum amount of a solute that can be dissolved in a solution at equilibrium at 
specified conditions e.g. temperature, pressure and pH. For this work, it will be denoted by C*. The 
units of C* will be defined in context. Crystallization can only occur after the solubility limit of a 
solute has been exceeded. Hence the driving force for crystallization is the excess concentration 
(supersaturation) of solute over and above the solubility limit. It is therefore very important to know 
the solubility limit at the operating conditions before embarking on a crystallization scheme. In fact 
the accuracy of crystallization kinetics measurement is highly dependent on the accuracy of the 
solubility information (Rashid, 2011). Consequently as there is no reliable published solubility data, 
a reliable technique for solubility measurement is critical to the crystallization process.  
The solubility of a solute in a given solution can be measured by equilibrating the solution with excess 
of the solid solute phase. This can be done from two approaches; a dissolution approach or a 
crystallization approach. If following the dissolution route, excess of the solid solute is added to an 
under-saturated solution of the solvent in a sealed and agitated container. The temperature is kept 
constant while the solid dissolves into the solution. The concentration of the solute in the supernatant 
will increase over time until it reaches a constant equilibrium concentration at the given temperature 
(and other specified conditions). The time to reach equilibrium depends on the system being analysed. 
It could take anywhere from a few minutes to several weeks (Butler, 1964). For example, the 
solubility of aluminium-arsenate was found to take 70 days to reach equilibrium (Pantuzzo et al., 
2014). When equilibrium is ascertained, the solute concentration is measured with an appropriate 
technique. This gives the solubility at the specified conditions. 
The crystallization approach takes the opposite route. In this method, supersaturation can be achieved 
by initially dissolving excess of the solute in the solution by an appropriate means e.g. by increasing 
the temperature. This is followed by cooling the solution to the target temperature with agitation to 
induce crystallization. As the excess solid crystallizes at the working temperature, the solid solute 
concentration decreases continuously, until all the supersaturation is consumed and equilibrium is 
reached. After equilibrium has been confirmed, an appropriate concentration measuring technique is 
used to measure the final solute concentration, which is the solubility at the given temperature. 
Usually, the crystallization route takes a longer time than the dissolution route (Dewhurst, 2005).  
Theoretically, both routes are expected to give the same result. However, the dissolution route is said 
to be more reliable and hence more widely practiced (Mullin, 2001). 
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 Solubility-product constant 
The solubility product constant Ksp is the mathematical product of the dissolved ionic activities of the 
composing ions of a substance, raised to the power of their coefficient in its empirical chemical 
formula. Accurate measurements require that excess of the dissolving salt should be in equilibrium 
with the solution and the concentration of all ionic species must be measured. It is the expression for 
the equilibrium that exists between a solid ionic solute and its ions in an aqueous solution. For a salt 
like aluminium hydroxyfluoride taken as AlF2(OH), its solubility product constant (Ksp) could be 
expressed based on the dissociation of its composing ions (Equation (3.2). 
 
 
AlF2(OH) (s) ↔ 𝐴𝑙(𝑎𝑞)
3+ + 2𝐹𝑎𝑞
− + 𝑂𝐻(𝑎𝑞)
−  (3.2) 
 
 
Hence Ksp can be defined by Equation (3.3). 
Ksp = {𝐴𝑙} . {𝐹}2. {𝑂𝐻} =[𝐴𝑙3+] [𝐹−]2[𝑂𝐻−]. 𝛶𝐴𝑙3+ . 𝛶𝐹− . 𝛶𝑂𝐻− (3.3) 
 
 
Where ‘{}’ represents the ionic activities, ‘[ ]’ the molar concentrations and ‘𝛶’ the activity 
coefficients. 
 It is also an expression of solubility, but is more useful than the simpler molar solubilities for 
sparingly soluble ionic salts (Butler, 1964). However, the two are inter-convertible and generally, the 
smaller the solubility-product constant, the lower its solubility.  The main advantage of using the 
solubility constant expression is that the molar solubilities are affected by the solution conditions, 
while the solubility product constant is not (other than by temperature). For example solubilities 
generally decrease in solutions containing common ions. They are also affected by ionic strengths 
and pH. At such cases, the solubility constant can be used to estimate the molar solubility and their 
change with solution conditions. 
Where a trend with temperature exists, the solubility constant could be related to changes in 
temperatures using the integrated Van’t Hoff Equation (3.4); 
ln Ksp= 
-∆H
RT
+ (
∆S
R
)  (3.4) 
 
Hence plotting ln Ksp versus 1/T yields a linear graph with slope = (-∆H/R) and intercept = (∆S/R) 
Where R = Ideal gas constant (8.314 J/mol.K), T = Absolute temperature (K), ∆H = Enthalpy change 
of dissolution (J/mol) and ∆S = Entropy change of dissolution (J/K/mol). 
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 Supersaturation  
Supersaturation occurs when the concentration of a solute exceeds its solubility. It is the driving force 
for crystallization. For a simple non-ionic system, its magnitude can be expressed as the difference 
between the instantaneous concentrations and the solubility (Equation (3.5). In this case it has the 
same units as concentration, which is most practically expressed as mass or moles of solute per unit 
mass or moles of solution (e.g. kgsolution/kgsolven, molsolution/molsolvent or molsolution/kgsolvent). 
 
s = C - C*   (3.5) 
 
Where s = absolute supersaturation, C = Instantaneous concentration and C* = Solubility 
(Concentration at equilibrium). 
 
It can also be expressed as a dimensionless oversaturation ratio “S” according to Equation (3.6). 
 
S = C C∗⁄     
(3.6) 
 
or as a dimensionless relative supersaturation “α” according to Equation (3.7). 
 
α  = 
𝐶
𝐶∗  
− 𝐶∗
𝐶∗
= 𝑠
𝐶∗
= 𝑆 − 1    (3.7) 
 
The expression used is a matter of choice. For multi-ionic compounds such as aluminium 
hydroxyfluoride hydrate (AHF), a more complex definition is required such as Equation (3.8). 
 
S = IAP/Ksp   (3.8) 
 
Where IAP = the ionic activity product = {𝐴𝑙3+}1{𝐹−}2{𝑂𝐻−}1,   
{} indicates the activity of the ion in solution,  
and Ksp is the ion activity product at equilibrium. 
The best method for creating supersaturation will depend on the characteristics of the system 
involved. Some commonly used methods include, cooling, evaporation, salting out and chemical 
reaction.  The rate of supersaturation generation and consumption is possibly the key control variable, 
considered in crystallizer design (Nyvlt, 1992). For most crystal growth schemes, methods adopted 
for supersaturation generation require that care be taken to obtain a non-nucleating supersaturation 
profile. Temperature control is the most commonly used factor to generate supersaturation in 
crystallization processes (Mersmann, 2001). 
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 Metastability 
Practically, industrial crystallization is often operated at a supersaturation within the metastable zone 
to produce (without nucleation) products of desired size, shape and purity using seed crystals. The 
term metastability generally denotes the phenomenon where a system exists in a state, higher than the 
system’s state of least energy for an extended period of time. In crystallization studies, a solution at 
a concentration higher than its concentration at equilibrium is said to be supersaturated. This region 
of supersaturation was further divided into two zones, labile and the metastable zone by Ostwald 
(1897).  
The labile zone is the region of supersaturation that spontaneous nucleation can occur, while the 
metastable zone is the region where spontaneous nucleation is improbable but crystals can still grow 
on seed crystals.  Figure 3-1 shows a diagrammatic representation of these zones from the later works 
of Miers and Isaac (1907a). The solubility line is represented with a continuous line because it can be 
measured with accuracy. The upper supersaturated line is represented with a broken line as it is not 
usually as well defined as the solubility line. Its position in the chart is affected by many factors such 
as the rate of supersaturation generation, intensity of agitation, presence of impurities and the history 
of the solution (Mullin, 2001).  
 
 
Figure 3.1: Classical phase diagram for a binary solid-liquid system (Lawrence, 2002).  
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 Nucleation Thresholds 
Further developments on the studies of crystallization led to a more elaborate 
solubility/supersolubility diagram. This brought about the concepts of the nucleation thresholds. The 
nucleation threshold is the supersaturation concentration at or above which nucleation of particles 
begins. It is nowadays divided into secondary and primary nucleation thresholds. The primary 
nucleation threshold (PNT) is the point below which nucleation will not occur in a crystal free 
solution. The secondary nucleation threshold (SNT) is where nucleation can begin to occur in the 
presence of solute crystals. This then narrows the definition of metastability as the region of 
concentrations between the solubility and the secondary nucleation threshold in which crystals can 
grow, but where zero or negligible crystal nuclei will form (Mersmann and Bartosch, 1998).  
 
Figure 3.2: Schematic of solubility-supersolubility.(Miers and Isaac, 1907b). 
 
Despite the fact that the nucleation thresholds are not usually easily defined in practice, it is 
conceivable that a region of metastability exists within the supersaturated region above the solubility 
curve. Whether this phenomenon applies to all systems is yet to be proved. From the above, the 
solubility/supersolubility curve of a typical system could be theoretically divided into four zones. One 
is well defined while the other three are somewhat variable; 
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1. The stable undersaturated region where crystallization is impossible (dissolution occurs). 
2. The metastable zone where nucleation is improbable. 
3. The metastable secondary nucleation region where spontaneous nucleation is improbable but is 
possible by seeding. 
4. The primary nucleation (labile) region, where spontaneous nucleation is probable.  Crystal growth 
can occur in all supersaturated zones. 
 Nucleation 
Nucleation could be defined as the creation of a new solid phase from a supersaturated solution. The 
so-produced solid entities are termed the nuclei and can act as the centres of crystallization. 
Nucleation can be classified into two; primary and secondary nucleation. Primary nucleation occurs 
in a crystal free but supersaturated solution, while secondary nucleation is induced by the prior 
presence of crystals of the crystallizing material.  
Primary nucleation could be further divided into two, homogenous and heterogeneous primary 
nucleation. The former occurs mainly as a result of the coming together of molecular clusters of the 
crystallizing material, while the latter is activated by the presence of a surface other than that the 
crystallizing compound. This differs from secondary nucleation which requires the crystals of the 
crystallizing compound. Table 3.1 summarizes the classifications of the nucleation mechanisms as 
explained above. 
It is usually difficult to ascertain the cause of the on-set of nucleation, as it could be influenced by 
very unpredictable environmental changes like dust, minute impurities, noise, vibration etc. In-fact 
nucleation has been considered to be a random stochastic process (Mullin, 1993). However, an 
understanding and the control of nucleation mechanism and kinetics is a vital part of crystallizer 
design, which is used to control the crystal size, size distribution or yield. Primary nucleation tends 
to be important where the solute solubilities are low and hence the supersaturations are high, while 
secondary nucleation is the most common industrially, in the production of relatively soluble 
materials (Garside et al., 2002). 
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Table 3.1: Classification of nucleation mechanisms.(Mullin, 2001). 
Types of nucleation Subclass Degree (s) 
Primary 
 
Homogenous (from clear solution) 
 
 Spontaneous 
 Foreign particle absent 
Primary 
 
Heterogeneous (induced by foreign particles) In the presence of foreign 
particle interface 
Secondary 
 
 Contact (with other crystals) 
 Shear (due to fluid flow) 
 Fracture (due to particle impact) 
 Attrition (due to particle impact or  fluid flow) 
 Needle (due to particle disruption) 
 Initial breeding(due to crystal dust) 
 In the presence of seed 
crystal of same solute 
 
 
The addition of the solute crystals in a crystallization process to enhance secondary nucleation is 
termed seeding. Secondary nucleation can occur by various mechanisms. One being the shedding of 
crystal dust from the seeds to produce new growth sites. Shear nucleation is another process caused 
by the breakage of fragile crystals imposed by shear forces of a flowing solution. However, the most 
important and most commonly encountered mechanism is as a result of the contact of a growing 
crystal with the walls of the crystallizer or the impeller resulting to the production of new secondary 
nuclei. This phenomenon is described as contact nucleation and sometimes referred to as collision 
nucleation or breeding.  
The classical theory of primary nucleation is based on the extension of the condensation of vapour to 
liquid (Nývlt, 1968). It involves the clustering of atoms/molecules into embryo and nuclei of a 
sufficient size then growth into stable crystals. This process, similar to a polymerization process, can 
be represented as, cluster ↔ embryo ↔nucleus ↔crystal  
The clustering of atoms/molecules can be visualised as follows; 
a + a ↔ a2 
a2 + a↔ a3 
a3 +a↔ a4 
…………..  
am-1 + a ↔am (critical cluster). 
Where ‘a’ is the kinetic unit and m is the number of units (atoms or molecules) in the cluster. 
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The free energy change for the formation of a new phase (ΔGf) is ‘the sum of the positive free energy 
change for the formation of a nucleus surface area exposed to the solution (ΔGS) and the negative 
free energy change for the volumetric phase change (ΔGV) (Mullin, 2001)’, (Figure 3.3). When 
clusters have reached a critical radius (rc), the overall free energy change of the system is zero. This 
then becomes negative with further additions, proceeding spontaneously into the growth of the cluster 
into an embryo, then into a nucleus and finally into a crystal (nucleation). The critical free energy 
change, (ΔGcrit) is expressed as Equation (3.9).  
ΔGcrit = 
4
3
 πƔ (𝑟𝑐)
2    (3.9) 
 
Where Ɣ is the solid – liquid interfacial tension. 
 
 
Figure 3.3: Free energy diagram for nucleation explaining the existence of a ‘critical nucleus’. 
(Mullin, 2001). 
 
 Nucleation kinetics 
The nucleation rate B could be defined as;  
B = 
𝒅𝑵
𝒅𝑻
 = 𝒌𝒏𝑺
𝒏   (3.10) 
 
The rate B is often correlated with supersaturation (s) by an empirical power law as Equation 3.10. 
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Where ‘dN/dt’ is the rate of change of the number of crystals per unit volume.  
‘s’ is supersaturation, ‘t’ is time, kn is an empirical nucleation rate constant, and ‘n’ is the nucleation 
order.  
In addition to being influenced by supersaturation, the secondary nucleation rate is also driven by the 
crystal content (MC) of the crystallizer. A further term is usually added to the above empirical power 
law (Equation 3-10) to correlate measured secondary nucleation rates with MC and s as Equation 
(3.11). 
𝑩𝒔𝒆𝒄 =  
𝒅𝑵
𝒅𝒕
= 𝒌𝒏𝑴𝒄
𝒋
𝒔𝒏   (3.11) 
 
Where ‘Bsec’ is the secondary nucleation rate, ‘kn’ is a nucleation rate constant, ‘MC’ is the crystal 
content and ‘J and n’ are empirical exponents. 
 Crystal Growth 
Crystal growth is the addition of new growth units (molecules, atoms or ions) to the surface of an 
existing (stable) crystal thereby increasing its size (mass, length, width or depth).  This is usually the 
last stage of a crystallization process which begins with solubility, and takes the sequence of 
supersaturation, nucleation (production of growth unit) before the integration of these growing units 
into the characteristic arrangement of the crystal lattice. The context of crystal growth in this study is 
premised on crystal growth from aqueous solutions at low temperatures (< 150 oC). This creates a 
distinction from crystal growth from melts (high > 500 oC), gas phase (condensation) or 
polymerization.  
For crystals to grow, growing units (atoms, molecules or ions) need to leave the bulk solution, be 
transported to the surface of a stable crystal, and then be integrated into its lattice. This creates two 
distinct mechanisms of crystal growth, diffusion and surface integration. The overall growth of a 
crystal population is a function of these two processes. 
 Crystal growth mechanism 
As a result of the concentration gradient, additional growth units from of a supersaturated solution 
diffuse to the crystal-solution interface and then get integrated into the crystal. Three solute 
concentrations can be identified; in the bulk solution C, at the crystal-solution interface Ci at the 
crystal surface and the equilibrium solubility concentration C*. The driving force for the diffusion is 
C - Ci while the driving force for surface integration is Ci – C*.  
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Figure 3.4: Concentration driving forces in crystallization from solution based on the simple diffusion-
integration model (Mullin, 2001). 
 
After the arrival of an additional growth unit, surface integration becomes the limitation to crystal 
growth. Several mechanisms have been proposed for this step, the first of which is layered growth. 
This involves the attachment of growth units into the lattice of stable crystal at the surface. This 
continues as a step-wise build-up until the whole plane face is completed. Layered growth is usually 
initiated by a centre of crystallization as shown on Figure 3.5. 
 
Figure 3.5: Crystal growth mechanism without dislocations.(a) Migration towards desired location; (b) 
completed layer; (c) surface nucleation (Mullin, 2001). 
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a b c 
Another surface integration mechanism is growth by fault filling. Defective crystals are known to 
quickly grow back to its original shape, after which its rate of growth slows. This is the phenomenon 
known as fault filling. It is suggested that attractive forces are highest at these faults; hence they 
become very active sites, attracting growth units till the defect is covered. 
 
Figure 3.6: Schematic of crystal fault filling. 
 
Crystals do not always grow in the ideal layer-by-layer fashion. This was first postulated by Frank 
(1949). There are always imperfections within the crystal population that distorts the uniformity of 
the bulk crystal. The propagation of these imperfections is known as screw dislocation. It is an 
important mechanism for growth since it negates the necessity for crystal growth centres or surface 
nucleation. Figure 3.7 shows the schematic of a defective crystal ‘a’, the propagation of the defect ‘b’ 
and a resultant spiral staircase-like shape formed ‘c’.  
 
Figure 3.7: Development of a screw growth spiral starting from a dislocation.(Mullin, 2001). 
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 Crystal Growth kinetics 
Most crystal faces are initially flat, and advance as growing units (nuclei) are added. Generally 
individual faces grow at different rates, leading to the formation of its unique morphology. This 
phenomenon is what is described as the crystal habit. There are three main ways of expressing the 
growth rate of a crystal or a population of crystals.  These are the face growth rate (Vhkl), the overall 
linear growth rate (G) and the overall mass growth rate (RG) (Garside et al., 2002).  
i. Face growth rate Vhkl. This is a measurement of the advancement of the individual faces of a 
crystal and has the unit of velocity (m.s-1). It is usually applied to crystal growth measurements of 
single crystals. Hence in order to measure Vhkl, a single crystal needs to be isolated before 
observations can be made on the individual crystal faces. 
ii. Overall linear growth rate, G. This measures the rate of change of a characteristic dimension 
(L) of the crystal and also has the units of velocity. It is given by the expression in Equation (3.12). 
 
𝑮 =
𝒅𝑳
𝒅𝒕
  (3.12) 
 
Where ‘t’ is time.  
 
The value of G depends on the specific characteristic dimension being measured, and it is necessary 
that this dimension be well defined.  The volume equivalent size is often used in practice. This rate 
is widely used in the design of crystallizers (Garside et al., 2002). 
iii. The ‘overall mass growth rate’ RG. This is a measure of the growth rate averaged over the 
entire crystal mass. It expresses the rate of total mass deposition of the crystallizing growth units, 
from the solution to the stable crystal phase.  It is best presented in mass flux units (kg/m2.s ) and is 
expressed as Equation (3.13). 
 
 
𝑅𝐺 =
1
𝐴𝑐
.
𝑑𝑀𝑐
𝑑𝑡
    (3.13) 
 
 
The overall mass growth rate (𝑅𝐺) has the advantage of being a better representative of the growth 
rate of the bulk crystal population and is the most suitable for the design of batch crystallizers 
(Garside, 1985, Garside et al., 2002).  
 
With certain assumptions, the overall mass growth rate can be related to the face growth rate (Vhkl) 
and the overall linear growth rate (G) respectively, as follows; 
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If all the areas Ahkl of the individual faces of a given crystal are known, RG can be related to Vhkl by 
Equation (3.14). 
 
 
𝑅𝐺 =  
𝜌𝑐
𝐴𝑐
. ∑ 𝑉ℎ𝑘𝑙. 𝐴ℎ𝑘𝑙   (3.14) 
 
 
Where ρC is the density of the solids crystal phase, and the summation is taken over the entire number 
of crystal faces.  
 
 
Likewise, RG can be related with G from Equation (3.15) 
 
𝑅𝐺 =
1
𝐴𝑐
.
𝑑𝑀𝑐
𝑑𝑡
=  
1
𝛽.𝐿2
.
𝑑(𝛼.𝜌𝑐.𝐿
3)
𝑑𝑡
=
3.𝛼.𝜌𝐶
𝛽
.
𝑑𝐿
𝑑𝑡
    (3.15) 
 
 
Therefore; 
 
𝑅𝐺 =
3.𝛼
𝛽
. 𝜌𝐶.G  (3.16) 
 
 
Where β = Surface area factor, σ = volume shape factor (usually /6 if using volume equivalent size). 
 
Note that for spheres (not a practical crystal shape) and cubes, the factor β/ σ = 6. 
Hence the relationship between RG and G for such crystals becomes; 
 
𝑅𝐺 =
1
2
𝜌𝐶 . 𝐺   or  𝐺 = 2.
𝑅𝐺
𝜌𝐶
. 
 
Table 3.2 shows examples of shape factors for some common crystal geometries. 
 
Table 3.2: Examples of shape factors for common crystal geometries. 
 Geometric shape* Volume shape factor (α) Surface area shape factor (β) 
a) Sphere 0.524 (/6) 3.142 () 
b) Tetrahedron 0.118 1.732 
c) Octahedron 0.471 3.464 
d) Hexagonal 0.867 5.384 
e) Cube 1.000 6.000 
f) Needle (5×1×1) 0.040 0.88 
g) Needle (10×1×1) 0.010 0.42 
h) Plate (10×10×1) 0.100 2.40 
* With size taken as diameter of sphere, side of polygon or dimension of needles and plate. 
 (Garside et al., 2002) 
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 Empirical Growth rate expression 
For crystallizer design purposes, the overall growth rate measurements (G and RG) are more 
applicable than the facial growth rate (Vhkl) measurement.  Furthermore, for batch crystallizer design, 
the overall mass growth rate (RG) is often preferred to the overall linear growth rate measurement.  
An empirical expression can be used to link the overall growth rate expressed in RG and the 
supersaturation (driving force) as a power law (Equation (3.17). 
 
RG = kg(C
∞ - C*)g = kg. ∆Cg   (3.17) 
 
Where g = overall ‘order’ of the growth, ∆C = Supersaturation expressed as the dimensionless relative 
supersaturation (α = C/C* - 1) and kg = growth rate constant (possibly influenced by temperature, 
impurities and agitation and may follow the Arrhenius equation with temperature). 
Similar expressions can be written for the linear growth rate and face growth rates. A reliable method 
has been developed for estimating the kinetic parameters (White et al., 2008).  
It is worthy to note that the above equation does not reflect the earlier mentioned two step processes 
for crystal growth; diffusion and integration. These two processes are driven by two different driving 
forces (Nyvlt, 1971), as shown in Figure (3.4).  These processes can be described by Equations (3.18) 
and (3.19) respectively. 
Diffusion can be represented by Equation (3.18); 
𝑅𝐺 = 𝑘𝑑
(𝐶∞−𝐶1)
1−𝐶∞
   (3.18) 
 
While integration can be represented by Equation (3.19); 
RG = kr.(C1 - C*)
r    (3.19) 
 
Where kd is the conventional mass transfer coefficient (m/s) and can be determined from the growth 
conditions, 𝐶∞ is the bulk solution concentration (solute/g solvent). 
C1 can be eliminated and Equation (3.20) obtained;  
𝑅𝐺 = 𝑘𝑟 ⌈(𝐶∞ − 𝐶
∗) − 𝑅𝐺
1−𝐶∞
𝑘𝑑
⌉
𝑟
    
(3.20) 
 
The above Equation (3.20), is the general form of the relationship between the overall growth rate 
(RG) and the supersaturation consumption (∆C). 
Equation 3.17 is therefore a special case of Equation 3.20 for a first order integration process (r =1). 
Where the growth constant KG is defined as Equation (3.21). 
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1
𝑘𝐺
=  
(1−𝐶∞)
𝑘𝑑
+  
1
𝑘𝑟
     (3.21) 
 
For a second order integration process (r = 2) the general growth Equation would be Equation 3.22. 
 
𝑅𝐺 = 𝑘𝑑 . ∆𝐶 +
𝑘𝑑
2
2.𝑘𝑟
− √
𝑘𝑑
4
4.𝑘𝑟
2 +
𝑘𝑑
3 .∆𝐶
𝑘𝑟
     
(3.22) 
 
If the integration process is neither first order nor second order, (i.e. r ≠ 1 or 2) the general Equation 
(3.20) cannot be re-arranged in the form of Equation (3.17). 
Generally when the growth rate order n = 1, crystal growth is most likely (but not necessarily) 
controlled by diffusion, whereas for n  >  1 the surface integration is more likely (yet not necessarily) 
the controlling process (Mullin, 2001).  Other factors like the growth rates and activation energy could 
also suggest the controlling mechanism (Misra and White, 1971). 
 Crystal growth measurement 
The many distinguishable methods of crystal growth measurement can be categorised in the following 
ways (Garside et al., 2002); 
1 Crystal growth measurements can be made on single crystals or on a bulk crystal population. 
The former involves the measurement of growth rate on individual crystal faces and is useful for 
fundamental studies of growth mechanisms and crystal habit. The later focuses on overall growth of 
a larger population in suspension. This is usually directly applied to crystallizer design (Mullin, 2001). 
2  The supersaturations and crystal size may not change considerably during the growth period 
or there could be marked variations. This is synonymous with the integral and differential approaches 
to chemical engineering analysis. In the former, direct growth rates are obtained instantly while in 
the later, growth rates have to be calculated from the overall system responses.  
3 Growth rate defining measurements could be obtained from the solid-side analysis or from 
the solution-side. In the solid side, characteristic changes in the overall sizes or mass could be used 
to determine growth rates. On the other hand, solution de-supersaturation due to solute deposition on 
the growing crystals could be used. 
The solid side and solution side are linked through the mass balance expressed as Equation 3.23. 
 
 
−
𝑑𝐶
𝑑𝑡
=
1
𝜌𝐿𝑉𝐿
.
𝑑𝑀𝐶
𝑑𝑡
  (3.23) 
 
 
Where C is the solution concentration (expressed as a mass fraction), MC is the total mass of crystals 
in suspension, ρL is the solution density and VL is the volume of solution in the crystallizing system. 
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4 Lastly, measurements can be done at a constant temperature (isothermal) or at a variable 
temperature (non-isothermally). Though the former is the most commonly used method, the later has 
the added advantage of a possibly determining the activation energy, simultaneously with growth 
measurements. 
 Crystalline solids 
Crystalline solids are usually made of a rigid lattice of molecules, atoms or ions arranged in locations 
which are characteristic of the particular crystal. This lattice rearrangement is what results in the 
characteristic morphology of an individual crystal. Despite this, no two crystals of the same substance 
look identical. It is a fact that any two crystals will have significant differences in shape and even 
size. This difference is because most crystals are constrained in some ways as they grow, leading 
possibly to the stunted growth in one axis and exaggerated growth on another. This difference made 
it difficult to classify crystals until in 1784 when Haüy proposed his Law of Constant Interfacial 
Angle. This law states that the angles between the corresponding faces of all crystals of a given 
substance are constant. Hence though the crystals may vary in size and level of facial development, 
the interfacial angles remain the same. 
 Crystal symmetry 
One of the ways of classifying crystals is from their line of symmetry. Most crystals can be compared 
to a geometric shape. The three main types of symmetry usually considered in crystal studies are 
 Symmetry about a point (a centre of symmetry) 
 Symmetry about a line (an axis of symmetry) 
 Symmetry about a plane (plane symmetry) 
It should be noted that though most crystal possess a centre and many axis and planes of symmetry 
some do not have any symmetry at all (asymmetric). There are 32 possible combinations of these 
elements of symmetry and they are referred to as the 32 point groups or classes. All the 32 classes 
(except one or two) have been observed in actual crystalline bodies. 
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 Crystal systems 
The 32 point groups or classes (from above) can be grouped into seven broader groups known as the 
crystal system. The seven crystal systems are, cubic or regular (5 possible classes), tetragonal (7), 
orthorhombic (3), monoclinic (3), triclinic (2), trigonal (5) and hexagonal (7). All but the hexagonal 
system can be described with reference to the three axes X, Y, Z. Taking the x- axis as the direction 
from front to back, the y-axis as the direction from right to left and z-axis as the vertical direction 
Figure 3.8. The angle between the X and Y is denoted with (x,y), while the angle between X and Z is 
denoted by (x,z). The angle between Y and Z is denoted with (y,z). 
  
(a) (b) 
Figure 3.8: Crystallographic axes for the seven crystal systems. (a) 3-axes (b) 4-axes. Adapted from 
(Mullin, 2001) 
 
The hexagonal system requires a fourth axis for its complete description. This axis is named the U-
axis and is in the same plane as the X and Y axis. The Z-axis is perpendicular to all three other axes 
which are inclined at 60o or 120o to each other. The trigonal system is sometimes preferably described 
with reference to four axes. A summarised description of the seven crystal systems together with the 
other names commonly used are presented on Table 3.1 below and a schematic of representative 
morphology is shown on Figure 3.9. 
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Table 3.3: A summarised description of the seven crystal system with examples. Adapted from (Mullin, 
2001). 
Crystal System 
Other names* 
Axial lengths Unit cell Angles Bravais lattice Examples 
Regular 
Cubic* 
Octahedral* 
Isomeric 
Tesseral 
x = y = z (x,y) = (x,z) = (y,z) 
= 90o 
Primitive (P) 
Body-Centered (I) 
Face-Centered (F) 
Sodium chloride, 
potassium chloride, 
alums, diamonds 
Monoclinic x ≠ y ≠ z (y,z) = (x,z) = 90o ≠ 
(x,y)  
Primitive (P) 
Base-Centered (C) 
Potassium chlorate, 
Sucrose 
Triclinic x ≠ y ≠ z (y,z) ≠ (x,z) ≠ (x,y) 
≠ 90o 
Primitive (P)  
 
Potassium 
dichromate, Copper 
sulphate 5 H2O 
Orthorhombic x ≠ y ≠ z (y,z) = (x,z) = (x,y) 
= 90o 
Primitive (P)  
Base-Centered(C)  
Body-Centered (I)  
Face-Centered (F)  
Potassium 
permanganate, Silver 
nitrate, Iodine 
Trigonal x = y = z (y,z) = (x,z) = (x,y) 
≠ 90o 
Primitive (P)  
 
Sodium nitrate, 
Ruby, Sapphire 
Tetragonal x = y ≠ z (y,z) = (x,z) = (x,y) 
= 90o 
Primitive (P)  
Body-Centered (I)  
Rutile, Zircon, 
Nickel sulphate. 
7 H2O 
Hexagonal x = y = u ≠ z Z axis is 
perpendicular to the 
x, y and u axes 
inclined at 60o to 
each other 
Primitive (P)  
 
Silver iodide, water 
ice, Graphite 
 
  Miller indices 
The Miller index is a system of representing each face of a crystal by a unique identification in terms 
of their axial intercepts. It is named after W.H. Miller (1839) who first suggested that each face of a 
crystal could be represented by the indices h, k and l. For example, if three crystallographic axes are 
chosen, a plain inclined to all three can be taken as the parametral (reference) plane. One of the crystal 
phases is usually designated as the parametral plane. Assigning the intercepts Xi,Yi Zi on this plane, 
the axes X, Y and Z can be given the parameters a, b and c. The ratios between a : b and b : c are 
referred to as the axial ratios. For easy handling the value of ‘b’ is usually reduced to 1. 
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Therefore the indices h, k and l can be defined by; 
h =  
𝑎
𝑋
,  
k = 
𝑏
𝑌
 and, 
l = 
𝑐
𝑍
  
At the reference (paramedical) plane, the axial intercepts Xi, Yi and Zi are the parameters a, b and c, 
so the indices h, k, l represents a/a, b/b and c/c and are unity each usually written as (111). The other 
faces can likewise be represented by similar indices. This is calculated from their respective intercepts 
Xi, Yi and Zi which would be similar to ‘ma’, ‘nb’ and ‘pc’. Where, m, n and p, are whole numbers 
or infinity. 
 
 
 
 
 
 
Figure 3.9: Schematic of the seven crystal systems.(Cortney, 2014). 
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Figure 3.10 below shows the procedure for allocating these indices. Equal divisions are made on each 
of the x, y and z axes. The reference plain ‘ABC’ with axial intercepts of OA = a, OB = b and OC= 
c is allocated (111). Plane DEF with axial intercepts OD = 2a, OB = 3b and OZ = 3c can be resolved 
thus; 
H = 
𝑎
𝑋
  = 
𝑎
2𝑎
  = 
1
2
 
K= 
𝑏
𝑌
 b =  
𝑏
3𝑏
 = 
1
3
 
L = 
𝑐
𝑍
   = 
𝑐
3𝑐
   = 
1
3
 
Therefore h:k:l = 
1
2
 : 
1
3
: 
1
3
  which is the same as 3:2:2 (multiplying thprough by 6). Similarly DEF is 
represented as (3,2,2) and DFG as 3,3̅,2 . Note the negatives values from the position on the axis. 
Figures 3.9 shows examples of geometric shapes representing each of the seven crystal systems. 
 
Figure 3.10: Use of Miller indices to identify crystal faces.(McSush, 2009). 
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 Crystal habit 
Crystal habit is the characteristic external shape (morphology) of a given crystal. Although the 
fundamental morphology of a crystal is determined by the arrangement of the unit cell, as the crystal 
grows, the relative sizes of the individual faces can vary markedly. This can result in a significantly 
different morphology from that of the unit cell (Markov, 1995). The same crystal could experience 
an accelerated growth on one face and a retarded growth on another. This variation could be caused 
by environmental factors such as the degree and method of agitation, solvent, the degree of 
supersaturation and the presence of impurities.  Other factors such as temperature shock (rapid heating 
or cooling) and seeding could also have influence on the crystal habit. The mentioned factors could 
also be used to deliberately control the product quality of crystals (Garside, 1985). Most manufactured 
crystals have one or more faces distorted to some degree. Hence perfect geometric symmetry or 
morphology is rarely observed. 
 Crystallizers 
A crystallizer is a unit that provides the enabling environment for controlled supersaturation 
generation at conditions that enhances the production of desired crystals. Generally crystallizers are 
operated either in batch or continuous mode. Batch crystallizers have the advantage of easy 
operability and scaling up, ease of cleaning and less capital cost. They are more suited for small scale 
processing and products could vary significantly per batch (Randolph and White, 1977). Continuous 
crystallizers on the other hand have the advantage of lower operating cost, uniform product quality, 
less built up space and more efficient utilization of mother liquor. Their main disadvantage is that 
they are seldom used in small size processes. 
 Crystallizer Design 
The major challenge in crystallizer design is the shortage of basic crystallization kinetics data. And 
when available, they could be unreliable. It is not uncommon to find quite different reports of crystal 
growth rates data, for the same substance by different researchers. Sometimes these differences could 
be several orders of magnitude apart (Mullin, 2001). 
The unit operation of crystallization is a complex interaction of heat and mass transfer processes, with 
a strong dependence on fluid and particle mechanics. Making it even more complex is that it takes 
place usually in a multiphase and multicomponent system with particles whose size and shape 
distributions are both incapable of unique definition and vary with time. 
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The nucleation and crystal growth kinetics which are the main controlling processes in a crystallizer 
design could be influenced significantly and even changed completely by mere traces of impurities, 
even in the parts per million range (Mullin, 2001). This accounts why crystallization has been 
described as an art rather than a science by some schools of thought. However, there are some well-
developed techniques that can provide reliable design information. 
 Crystallizer selection 
There are various types of industrial crystallizers and also many ways of classifying them. Useful 
terms such as batch or continuous, agitated or non-agitated, controlled or uncontrolled, classifying or 
non-classifying, circulating solution (liquor) or circulating slurry (magma) are commonly 
encountered. Most of the above terms are self-explanatory only a few needs explanation. The term 
‘controlled’ refers to supersaturation control. Classification refers to aggregating crystals according 
to their sizes with the aim of producing more uniform products of a target size. In a ‘circulating 
solution (liquor) type’ only the solution is circulated for example in a heat exchanger, but the crystals 
remain in the crystallization chamber, whereas in a circulating slurry (magma) type, both the crystals 
and solution are circulated together. 
Another method of classifying crystallizers is according to the method of supersaturation generation, 
which is probably one of the most used. In this method, there are classifications such as cooling 
crystallizers, evaporating crystallizers, vacuum crystallizers, reaction crystallizers, freeze 
crystallizers etc. Cooling crystallizers are crystallizers that are used to cool hot solutions and thereby 
crystallize the required products. This is suitable for crystals that are significantly more soluble at 
increased temperatures. Reaction crystallizers are by their name, useful for crystallization processes 
that occur by a chemical reaction. It could be gaseous-liquid reaction or a liquid-liquid reaction. 
Examples are the crystallizers used in producing ammonium sulphate from coke oven gases, and the 
carbonation tower used for the production of sodium bicarbonate. Freeze crystallizers operate by 
freezing a solution or vapour to obtain useful crystals. 
A given crystallizer could belong to more than one of the above classifications. For this study the 
crystallizer of interest is the evaporative crystallizer. This is due to the reduced solubility of AHF 
with increasing temperatures. This property of AHF is discussed in detail in Chapter 6. The traditional 
application of evaporating crystallizers is for solutes whose solubility is not significantly changed by 
temperature reduction alone. Evaporation is then applied as a means of solvent removal to increase 
the solute concentration, thereby enhancing supersaturation and hence crystallization. This principle 
will be used with a modification in AHF crystallization. Heating will be used to reduce solubility and 
evaporation used to remove solvent. The available techniques for evaporation include, solar 
Chapter 3 
64 
 
evaporation, steam heated evaporators, multiple-effect evaporators, forced circulation evaporators, 
Oslo-Krystal evaporating crystallizer and wetted wall evaporating crystallizer (Mullin, 2001).  
 Batch crystallizer Design 
Batch crystallizers are widely used in the process industry for the production of a wide range of 
chemicals. They are most suitable for small scale operations, are flexible and usually require less 
capital investment compared to continuous crystallizers. The recovery of the fluoride values of spent 
pot lining is most likely to be small scale. The reasons for this is discussed in Chapter 10. 
Batch crystallizers inevitably operate in the unsteady state. The population balance relationship can 
be written as Equation (3.24). 
𝜕(𝑁𝐺)
𝜕𝐿
=  
−𝜕𝑁
𝜕𝑡
   (3.24) 
 
Where G = growth rate. L = characteristic size of crystal, N = crystal number and t = time 
Equation 3.24 can be solved with the relevant constraints to predict the product crystal size 
distribution (CSD) (Ranodolph, 2012). There are several methods of creating supersaturation which 
include cooling/heating, evaporating, reaction, salting out or combinations of these procedures. 
Figure 3.11 shows schematics of some commonly used batch crystallizer designs. 
 
Figure 3.11: Schematic of batch crystallizers.(a) Simple unbaffled, (b) draft-tube baffled, (c) jacket or coil 
heat exchange, (d) external heat exchange and (e) vacuum or evaporation (Jones, 1974). 
Chapter 3 
65 
 
 Temperature control  
Conventional batch cooling crystallizers mostly operate by the charging of a solution at high 
temperature into the crystallizing chamber, then the cooling of this solution by means of cooling 
jackets or coils and even sometimes by ambient air. The vessel would be agitated. For natural cooling, 
supersaturated is initiated immediately as cooling commences, leading to product nucleation, then 
growth.  The rate of this cooling determines the supersaturation profile which is turn determines the 
crystal size distribution. When natural cooling is employed, by the passage of coolants through the 
cooling coils, the temperature profile in the vessel falls near exponentially. However the 
supersaturation increases very rapidly initially and reaches a peak when the metastable limit is 
exceeded, leading to nucleation. This series of event has little control and usually results in tiny 
particles with a wide crystal size distribution (CSD).  
 
Figure 3.12: Natural, controlled and size optimal supersaturation profiles in a batch crystallizer. 
Adapted from Mullin, (2001). 
 
An improvement to the above will involve the elimination of the supersaturation peak. This can be 
achieved by starting with a working solution at minimal supersaturation. This can be followed by 
seeding the solution with seed crystals of chosen size and maintaining the supersaturation within the 
metastable zone throughout the entire crystallization run time. This controlled mechanism requires a 
slower rate of temperature decrease at the beginning of the run, and a faster decrease towards the end. 
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The aim is to maintain the rate of supersaturation at a near constant value the whole time. This is the 
reverse of the natural cooling and is termed controlled cooling. 
An optimum cooling curve was proposed by Mullin and Nývlt (1971b) who considered operation at 
constant supersaturation. This used a calculation method based on supersaturation balance that 
generated nuclei in sequence of discrete time intervals. The population balance equation used is 
represented by Equation (3.25).  
−∆𝐶
𝑑𝑡
=
𝑑𝐶∗
𝑑𝑡
+ 𝑘𝑔𝐴𝑐∆𝑐
𝑔 + 𝑘𝑏∆𝐶
𝑏   (3.25) 
 
Where C = concentration, C* =equilibrium saturation, ∆C = supersaturation (= C - C*), t = time, 𝐴𝑐 
= total crystal area, kg and kn = growth and nucleation constants and g and n = orders of growth and 
nucleation, respectively. 
The above equation describes the derivation of supersaturation in solution. The first term on the right 
represents the change in solution supersaturation as a result of the temperature dependence of 
solubility. The second term represents the de-supersaturation rate caused by crystal growth while the 
last term represents the de-supersaturation caused by nucleation. 
The expression of the cooling curve can be adapted to suit a seeded system. The following simplifying 
assumptions will however apply; constant supersaturation, negligible nucleation and growth only on 
the added seeds. The resulting Equation (3.26),  Mullin and Nývlt (1971a) is;  
 
−
𝑑𝑇
𝑑𝑡
=  
3ɤ𝐺(𝑡)𝐿2(𝑡)
[
𝑑∆𝑐
𝑑𝑇
−
𝑑𝑐∗
𝑑𝑇
]𝐿𝑠0
3
  
(3.26) 
 
Where 𝑊𝑠0 = mass of added seeds, L = size, 𝐿𝑠0 = initial seed size, ɤ = batch temperature range and 
G = crystal growth rate, T = temperature, C = Change in concentration and C* = Equilibrium 
concentration. 
The run time and the corresponding cooling curve can be determined by integrating the above 
Equation 3.26. The further simplifying assumptions of dC*/dT = 0 and d∆C/dT = 0 allows a more 
simplified cooling curve expression to be obtained as Equation (3.27). 
Tt = T0 – (T0 – Tf)(t/ ɤ)3  (3.27) 
 
Where, T0, Tf and Tt are the initial, final and nth temperature during the entire process. 
A similar equation for unseeded solutions is Equation (3.28). 
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Tt = T0 – (T0 – Tf)(t/ ɤ)4  (3.28) 
 
This principle of controlled cooling can be applied to other methods of generating supersaturation 
like evaporation, salting out and reaction. It is necessary to accept that some secondary nucleation 
will always inevitably occur even in seeded solution despite low supersaturations (Mullin, 2001). 
 Conclusion 
This section has briefly reviewed the important concepts of crystallization pertinent to the current 
study. The areas covered are in no way exhaustive of the possible processes applicable to a system of 
this nature. The chosen concepts are restricted to the methods used in this thesis. Solubility and 
solubility constant, supersaturation, metastability, nucleation mechanism and growth kinetics have 
been summarised. Also included are; crystallizer design and temperature control, with emphasis on 
batch crystallizers.
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CHAPTER 4 
Materials and Analytical Techniques 
4 Materials and Analytical Techniques 
 Introduction 
This study involved the synthesis and characterization of aluminium hydroxyfluoride hydrate. This 
was followed by the measurement of solubility, supersaturation, nucleation and crystal growth 
kinetics, in model solutions. Each of these stages involved the measurement of certain determinant 
parameters including concentrations, heat of reaction, crystal size distribution, chemical composition, 
physical and chemical characterization, density etc. These measurements provided the data needed 
for mass, energy and population balance used to model the crystallization process. To arrive at the 
adopted methods, different methods were explored for each property. This chapter gives a description 
of the methods that were tested, how successful they were and their frequency of use. 
 Materials and techniques 
 Aluminium hydroxyfluoride hydrate synthesis materials 
The aluminium hydroxyfluoride hydrate (AlF2OH.H2O) used in this study was made in-house, as 
there was no known suppliers of this compound. It was made using laboratory grade chemicals. 
Powdered gibbsite - Al(OH)3 was used as the source of aluminium (Al). Powdered sodium fluoride 
(NaF) was the source of fluoride while sodium hydroxide (NaOH) pellets where dissolved to obtain 
the concentration of caustic needed. This solution was the base used for the partial neutralization 
process. For mobility of ions, the reactions occurred in sulphuric acid solution and this was the main 
continuous liquid phase (solvent). All chemicals were supplied by Sigma Aldrich Chemicals Ltd. The 
labelled purities of each compound was assumed to be already tested and confirmed, so no further 
confirmations were done. The purities where Al(OH)3 99 % (calculated), NaF  97 %, NaOH ≥ 98 % 
and H2SO4 98 %. For dissolution of the solid caustic and the liquid sulphuric acid to the concentrations 
required, reverse osmosis water was used.  
A detailed description of the method used in the synthesis of aluminium hydroxyfluoride hydrate is 
presented in section 5.3.  
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 Other Chemicals 
Other chemicals were used in the course of this project. 99% ethanol supplied by Sigma Aldrich was 
frequently used to wash the synthesised aluminium hydroxyfluoride hydrate, to minimise particle 
agglomeration by releasing trapped water. In the course of elemental analysis using the alkali-fusion 
method, several chemical where used. Table 4.1 shows a summary of the chemicals used, their 
function, purity and supplier. 
Table 4.1: Chemicals used in the alkali-fusion of aluminium hydroxyfluoride hydrate. 
S/N Chemical Function Purity Supplier 
1 Sodium carbonate  Powder fusion 99.5% Chem supply 
2 Sodium borate Na2B4O7 Powder fusion 99.5%  Scharlau Chemie  
3 Hydrochloric acid (HCl) Solid digestion 37% Sima Aldrich 
4 8-hydroxyquinoline Al – precipitation  99% Sigma Aldrich 
5 Acetic acid solution  Oxine solution  ≥ 98.85 Sigma Aldrich 
6 NH4OH Oxine solution  27 % NH3 basis Sigma Aldrich 
7 Ammonium acetate Flocculant  97 % Chem Supply 
8 Anhydrous NaF Fluoride standard 99.99% Sigma Aldrich 
 
 Analytical techniques 
Several methods where developed and tested in the course of this study. The methods considered are; 
i. X-ray diffraction XRD. 
ii. Alkali-fusion (elemental analysis). 
iii. Density measurement. 
iv. Inductive coupled plasma atomic emission spectroscopy ICP-AES 
v. Refractive index measurement 
vi. Lazer light scattering (Malvern Master sizer) 
vii. Light, scanning and transmission electron microscopy.  
viii. Infrared spectroscopy 
ix. X-ray photoelectron spectroscopy 
x. Thermogravimetric analysis 
xi. X-ray fluorescence 
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 Powder X-ray diffraction 
 Principle 
Powder X-ray diffraction-XRD is a scientific technique of using the diffraction of X-rays on a 
crystalline powder to identify and investigate the composition and crystallographic properties of the 
compound. XRD is generally the standard and most accurate non-destructive method of identifying 
crystalline phases. Every crystalline phase has a unique and distinctive X-ray pattern. A standard 
reference of X-ray patterns for identified chemical phases are stored in the library of the international 
centre for diffraction data - ICDD. To identify an unknown compound, the X-ray pattern of the 
material is matched with the standard reference for the suspected compound. This is used to identify 
the crystalline phase (s) present in a compound.  
Due to the fact that there are numerous XRD data saved in the ICDD library, a search matching 
software is usually used to make the data mining process quicker. Based on the theory of conservation 
of mass, in ordinary chemical reactions, atoms/molecules not present in the reactants, cannot be found 
in the product. Hence to narrow down the searches, the ions present in the starting material are used 
to eliminate the other atoms from the periodic table. For an even faster search, products can be search 
matched by name, if the likely product(s) is already known. 
 Procedure 
To get accurate results, some basic material preparatory measures were put in place, prior to the 
analysis. About 1g of the dried aluminium hydroxyfluoride hydrate powder was spread in a porcelain 
crucible, and placed in a vacuum oven for 3 hrs. The oven was operated at 110 oC and 900 mbar 
suction pressure. Once dried, the sample was cooled in a desiccator, and then milled by using a mortar 
and pestle till the particles were as fine as possible. This fine powder was again heated in the oven to 
get rid of any remnant moisture and re-cooled finally in the desiccator, prior to placing in vials and 
taking for X-ray diffraction analysis. Being a fluoride powder, drying and grinding were essential 
steps to prevent the release of hydrofluoric (HF) gas upon radiation with X-rays. This also increased 
the surface area for accurate analysis. 
The dried sample was placed in the sample holder (knife age) of the X-ray instrument and then 
vacuumed to get rid of atmospheric air. A beam of incident X-rays from the copper-Cu tube was 
focussed on the sample, giving rise to a resultant diffracted beam which was collected by a detector 
and processed into a pattern unique to the contained crystal. A Bruker Advance D8 X-Ray 
Diffractometer equipped with a LynxEye detector was used. The copper tube was operated at 40 kV 
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and 40 mA.  The other conditions used were 15 rpm rotation, 10 - 90 degrees 2-theta, 0.02 degree 
increment, 1.2 sec/step time per step, 78 min scan time, with a 0.26 degree fixed divergence slit and 
2.20 degree fixed anti-scatter slit.  
The resulting X-ray traces were processed using the Diffracplus Evaluation Package (2009) and PDF-
2 (2009).  This software compared the measured XRD pattern with that of standard references for 
AHF in the library of the International Centre for Diffraction Data (ICDD). It also search matched 
for the possible impurities that showed up in the pattern.  The standard reference for AHF has been 
determined (Fourquet et al., 1988). Figure 4.1a shows the XRD pattern of AHF and that of the 
encountered major co-precipitates which were; gibbsite (Al(OH)3), cryolite  (Na3AlF6) Figure 4.1b 
and gibbsite (Al(OH)3) Figure 4.1c . 
In the interpretation of the X-ray pattern, a perfect match indicated the presence of only one phase; a 
mix match indicated co-precipitation with each unique peak corresponding to the individual phases 
present in the mixture. A clear background indicated the absence or at least a negligible concentration 
of amorphous constituents, while a raised (dark) background indicated large amorphous 
compositions. Refer to chapter 5, for examples for each of these cases, as encountered in this study. 
 Rietveld refinement 
Aside from using the obtained X-ray diffraction traces for sample identification, it was also used to 
determine the material purity and to obtain crystallographic information, useful in characterising the 
crystal. During the refinement, the difference between the XRD peaks of the standard reference was 
compared with that of the sample. The difference was used to obtain information on the purity of the 
sample. Other obtained information include; 
1. The crystallite size 
2. The strain 
3. The chemical content 
4. The crystal size 
5. The atomic spacing 
6. The crystal family 
7. The crystal structure 
Several tools could be used for this refinement. For this study, the software ‘Topas 4’ was used. This 
was preferred due to its accuracy and compatibility, as this software was written by the same producer 
of the X-ray instrument (Bruker AXS GmbH).  
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Figure 4.1: Relevant XRD standard references.a) Aluminium hydroxyfluoride hydrate 
(AlF2(OH).H2O), b) Cryolite (Na3AlF6), c) Gibbsite (Al(OH)3). 
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 Conclusion 
The powder X-ray diffraction technique was the preferred method for the identification of the 
aluminium hydroxyfluoride hydrate crystals synthesized in this work and was frequently used. It also 
gave information on the possible co-precipitates that was encountered, both crystalline and 
amorphous. It was more sensitive to crystalline than amorphous compounds. Coincidentally, all the 
compounds of interest in this study were crystalline aside from amorphous gibbsite. 
Rietveld analysis of the X-ray result was used to get more in-depth characteristic of the material. 
Preliminary purity calculations were estimated as well as the crystallographic properties of the 
material. This was the most frequently used method for sample identification in this study and 
provided the information needed to understand the arrangement of unit cell structure of aluminium 
hydroxyfluoride hydrate. The results obtained were consistent with those obtained from previous 
studies. This gave confidence to the current data. 
 Alkali fusion 
Fluoride measurement was an integral part of this project. Hence a standard approach was defined to 
achieve high accuracy measurements. In this work a particular method for SPL developed by Besida 
(2001) was adopted and adapted to suit the synthesized aluminium hydroxyfluoride hydrate sample. 
The procedure involved; alkali fusion, acid digestion, metallic species precipitation, determination of 
fluoride with a fluoride ion selective electrode and an indicative determination of aluminium by 
weight. 
 Procedure 
About 0.1 g of AHF sample was mixed with 0.5 g of Na2B4O7 and 1.0 g of Na2CO3 in a 30 ml 
platinum crucible. The mixture was heated with lid covered by placing the crucible on a Meker burner 
for 1.5 hrs. This facilitated the fusion of fluoride. The mixture was cooled in ambient air by shutting 
off the fuel source and leaving the crucible to equilibrate with environmental temperature. The 
crucible and lid was then placed into a 250 ml Polytetraflouroethylene (PTFE) beaker already fitted 
with a PTFE magnetic stirrer, which contained 150 ml of de-ionsed water. This was to wash off the 
solid contents of the crucible and dissolve them in the contained water. 
An initial 2 ml of concentrated reagent HCl (about 37 %) was added to the solution in the beaker and 
stirred to ensure the complete dissolution of the solids. When the solution turned milky, more drops 
of HCl were added at intervals till the solution turned clear. 
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For the later F-ISE measurement, all fluorides in the solution need to be free (i.e. un-complexed). 
Given the components of AHF, the fluorides in the sample are complexed by Al3+ and H+. Therefore 
Al needed to be removed by precipitation using an oxine solution. The concentration of H+ was 
minimised by raising the solution pH above 5.0. This resulted to a release of free fluorides for a non-
interfered measurement. 
The Oxine reagent was prepared by dissolving 2.00 g of 8-hydroxyquinoline in 100 ml of 2 M acetic 
acid solution. It was then neutralized with NH4OH till the solution turned milky. Acetic acid solution 
was then added in drops to re-dissolve the precipitate till the solution just became clear. 
25 ml of the oxine solution was then added to the solution in the PTFE beaker. 8 g of ammonium 
acetate was added next to act as a flocculant and buffer, and the mixture was stirred. NH4OH was 
added to increase the pH to 8 and precipitation of oxinates occurred and was visible. The resulting 
solution was transferred to a 500 ml glass beaker, covered with a watch glass and heated to 65 oC for 
30mins. This made the solid precipitates to become large enough for filtration. 
Filtration was done using a sintered glass Gooch filtering crucible (porosity number 4), and solution 
collected in an attached 2 litre flask. The precipitates were washed by pouring water through the 
filtering crucible till the solution passing through was colourless (i.e. just water, all the oxinate reagent 
washed off). The solution (now virtually free of aluminium and other metals) was brought to a final 
volume of 1000 ml by the additional water used to wash the precipitates. The solution was kept for 
fluoride analysis while the precipitates were dried at 110 oC and kept for aluminium analysis. 
In preparation for fluoride analysis, 50 mls of Total Ionic Strength Adjustment Buffer (TISAB IV) 
solution was mixed with 50mls of the fluoride containing solution. TISAB IV was added to maintain 
the pH at 5 to avoid the formation of HF that could occur at lower pH. 
 Fluoride determination 
A fluoride ion selective electrode was used for the conductive measurement. The Thermo ScientificTM 
OrionTM combination Fluoride – ISE, model 1960BN was used, which had its inherent reference 
electrode. Ten (10) standards were used for the electrode calibration, prepared by dissolving high 
purity NaF in de-ionized water to give varying fluoride concentrations. 
A initial 2.210 g of high purity NaF was dissolved in 1000g of de-ionised water to get an F 
concentration of 1000 ppm. Varying portions of this initial portion was diluted to get the other 
concentrations according to Equation (4.1). 
CIMI =CFMF    (4.1) 
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Where; C= concentration, M = mass, I = initial and F = final.  
 Important factors considered 
Fluoride content measurement is affected by pH and the presence of complexing agents e.g. 
aluminium (Al). At the right pH and concentration, fluoride ion selective electrodes can be used to 
obtain acceptable results. Optimum solution pH is between 5 and 6. At lower pH’s, there will be a 
negative effect due to part of the fluoride (F) complexed as HF and HF2
-. At higher pH there is an 
exaggerated effect due to OH- interferences. Complexed fluoride ions can be freed with the use of de-
complexing agents. ‘Tartrate based’ Total ionic solution buffers (TISAB), are said to be more 
effective than the conventional ‘citrate based’ TISAB. 
In the presence of Al, TISAB II and III are best for solutions of ≤ 5 ppm Al. TISAB IV is optimum 
for solutions up to 100 ppm Al with a 5 % error at 200 ppm Al. Addition of TISAB II or III to fluoride 
standards and samples will buffer the pH to between 5.0 and 5.5 to avoid hydroxide interferences or 
the formation of hydrogen complexes of fluoride. TISAB IV adjusts the pH to about 8.5, and should 
not be used for very low-level measurements. 
 Preparing TISAB IV 
TISAB IV was produced by the following description.  500 mL of distilled water was placed in a 1 
litre volumetric flask.  84 mL of concentrated HCl (36 to 38 %) was added first, followed by 242 g 
TRIS (hydroxymethyl) amino methane and 230 g and sodium tartrate (Na2C4H4O6-2H2O) to the same 
flask.  The solution was stirred to dissolve the solids and cool the solution to room temperature.  This 
was finally diluted to the 1 litre flask mark with distilled water. 
 Aluminium determination 
The weight of recovered solid from the precipitation step can be assumed to be Al(C9H6ON)3 since 
the precipitate are almost free of any other metallic impurity. The aluminium content from above will 
only be an approximation being that the amount of aluminium in solution was less than the 
recommended ‘25 – 50 mg aluminium in 150 to 250 ml’ needed for more accurate results, Vogel 
(1989). 
 Preparing analyte solutions 
Solutions were diluted to give an Al concentration of between 1 – 100 ppm, then stirred at 300 rpm 
for 3 hrs (tentative time for proper mixing). 5 mL of TISAB IV was added to every 5 mL of standard 
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or sample, so the dilution ratio of TISAB to solution remains the same. All standards and samples 
were stirred at a uniform rate. Fresh standards were used for calibration. The electrode was rinsed 
with deionized water between measurements and the electrode dried by shaking, to remove the water 
and prevent sample carryover. The potential risk with this process is that at lower pH (ie pH < 3) HF 
may be formed. This is why the TISAB IV buffer solution was used to maintain the pH at 5. 
The following measures were taken to minimise the errors associated with this method; 
1. Masses were used instead of volume when possible. 
2. Water used for dilution was reverse osmosis de-ionised with density at 30 oC = 1.0g/cm3. 
3. Progressive dilution from concentrated solutions (1M NaF) was used. 
4. Measurements were made in triplicates. 
5. Solutions were sealed and the temperature kept constant using a constant temperature bath. 
6. At least, about 6 hrs was allowed for both dilution and aluminium-Al de-complexation, and 
stirring rate of 300 rpm was used, for proper mixture. 
In this study, the solution total Al concentration was found to be between 4000 – 5000 ppm. 
Dissolutions with de-ionised water was made, to reduce the Al concentration to 8 - 100 ppm Al. At 
this range, TISAB IV was the most appropriate to effectively de-complex the Al, leading to an 
acceptable F measurement with a fluoride ion selective electrode F-ISE. The mVs of the above 
solutions was measured and compared with that of the calibration chart. Calibration charts were 
obtained from the mV of known F concentrations, using very pure 99.9% NaF starting material 
dissolved in de-ionised water. Figure 4.2 is a typical calibration chart obtained by this approach. 
 Conclusion 
The alkali fusion method was suitable for the analysis of fluoride content of solids. And was used for 
most of the elemental analyses. It however, gave only indicative results of the aluminium content. 
This method was prone to a lot of errors due to the numerous mixing and reaction steps and the 
reproducibility was poor. The results obtained was taken to be accurate up to ± 10 %.  
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Figure 4.2: Typical calibration curve for fluoride measurement. 
 
 Density measurement 
 Introduction 
The pyncnometer was used to determine the density of aluminium hydroxyfluoride hydrate crystal. 
The crystals were obtained as fine powder, hence a gas displacement pyncnometer was used in this 
thesis. A pycnometer is a device that is used to obtain the density of materials by averaging the volume 
occupied the material, then using that to determine the mass of the same quantity of material, 
predetermined and inputted into the instrument. A gas displace pyncnomter can measure the volume 
of any solid objects, irrespective of whether they are powdered, or in one  piece, regular or irregular 
shaped.  
 Apparatus/principle 
A simplified principle of operation of the instrument used is shown on Figure 4.3 below. 
y = -24.63ln(x) + 91.758
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Figure 4.3: Schematic of the working principle of a gas displace pycnometer. 
 
Initially, Vcell and VExp are at ambient temperatures Ta and pressure Pa, and the valve is closed. Then 
the gauge pressure in Vcell is elevated to say P1g, and the valve is opened till an equilibrium pressure 
P2g is attained. Equation (4.2), which is the working Equation of the pycnometer, is used to determine 
the volume of the unknown sample. 
𝑉𝑆𝑎𝑚𝑝 =  𝑉𝐶𝑒𝑙𝑙 −
𝑉𝐸𝑥𝑝
𝑃1𝑔
𝑃2𝑔
−1
  (4.2) 
 Procedure 
The sample aluminium hydroxyfluoride hydrate sample was prepared and dried according to the 
method previously described in section 4.3.1. It was important that the sample was free of moisture, 
to obtain accurate results. This was essential to ascertain that the measured mass is the sample true 
mass and to avoid the distorting effect of water vapour on the volume measurement. About 0.6g of 
sample was loaded on the sample cup of the pyncnometer instrument. This made the cup about two-
thirds full. The material was packed to obtain maximum sample weight in the cup as recommended 
by the equipment manual. 
The cup was first weighed in mass balance and recorded, and then the sample and cup was weighed 
and recorded. The weight of the empty sample cup was subtracted from the weight of the sample cup 
plus weight to determine the sample weight. The sample weight information was entered into the 
instrument data entry system, and the machine was turned on to initiate the analysis. The analysis 
proceeded automatically and the final result was obtained. The equipment used for this measurement 
was the AccuPyc II 1340 V1.00 instrument of micromeritics Ltd.  
Calibrated Sample 
Cell Volume 
V
Cell
 
V
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Expansion Volume 
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 Conclusion 
The obtained result is presented in section 5.4.4. The value of 2.3113 g/cm3 was obtained from a total 
of 10 runs. The standard deviation of the results was 0.027 g/cm3. This showed an acceptable level 
of span, for the results obtained. This method was considered appropriate for obtaining the density of 
powdered material and was the only method used for this purpose in this study. Density of liquids 
was however measured by weighing a known volume of liquid sample, then calculate the mass to 
volume ratio. 
 Inductive coupled plasma membrane atomic emission spectroscopy. 
 Introduction 
The inductively coupled plasma atomic emission spectroscopy is a quantitative elemental analysis 
method commonly used to measure the concentrations of mostly metallic and some non-metallic 
components in solution. It uses plasma produced by inductively heating a working gas (commonly 
argon) with an electromagnetic coil, energizing it and making it electrically conductive. The plasma 
is retained in a quartz torch, creating a central channel. Samples to be analysed are introduced into 
this central channel usually as a mist. To obtain a mist of adequate and uniform droplet size, a 
nebulizer is used. 
The ions from the plasma are extracted to a mass spectrometer. The ions are separated on the basis of 
their mass-to-charge ratio, and then the signal is used by the detector in-built in the equipment to 
converts the signals into its individual and proportional concentrations. The concentration of the 
sample can be determined through a calibration with a multi-element reference standard. 
 Procedure 
The major species in solution (Al, Na and S) were measured using the ICP-AES technique. The 
solutions were diluted to appropriate concentrations; the target was to reduce the aluminium 
concentration to between 1 and 100 ppm to avoid ion interferences. For most of the solution 
concentrations analysed, the samples were mostly diluted at a 1:10 sample to water ratio, with TDI 
(de-ionised) water prior to analysis. To avoid any particulates in the sample as a result of precipitation 
or nucleation, the samples where digested with a calculated mass of acid.  
1 ml of the prepared sample was introduced into the sample tray of the ICP-AES instrument, and 
most of the subsequent processes were automated. For consistency, fresh samples of the sulphuric 
acid H2SO4 solvent at all concentrations used, were analysed too. This served as an internal standard 
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in which the results of the sample analysis were compared. The equipment used in this study was the 
Varian (Melbourne Australia) Vista Pro ICP-AES instrument operated at 1200 W forward 
power with a Tracey spray chamber and a conical seaspray nebuliser (Glass Expansion, Melbourne 
Australia).  
 Conclusion 
The inductively coupled plasma atomic emission spectroscopy (ICP-AES) technique, is a well-
established method and known to be highly accurate. As there were no known interferences from the 
solutions components in this study, the standard error of ± 0.002 mol/L was taken for all 
measurements made. The ICP-AES technique, was the main method used for obtaining the 
concentration of most of the elements in this study. 
 Refractive index measurements  
 Introduction 
Refractive index was used in this study as an alternative measure of AHF concentration in solution. 
The refractive index (nD) of an optical medium is a dimensionless number that describes how 
radiation transmits through the medium by measuring the angle that light rays are refracted. It is 
usually characteristic of a particular material and can be used as a measure of concentration of solutes 
in solution. A refractometer is the instrument used in measuring the refractive index of a substance.  
 Apparatus  
The refractometer used in this study, was a Bellingham and Stanley (Tunbridge Wells, UK) Model 
RFM 340 digital refractometer that gives results up to five decimal places. When samples are placed 
on the holder, the instrument automatically determines the angle of total internal reflection of visible 
light rays, and thus the refractive index for the liquid at the interface between the sample drop and a 
sapphire disc. The angle of total internal reflection in this regard is the angle that light rays must 
incidence on an optical prism in order to be refracted in direction parallel to the upper surface of the 
prism. This is synonymous with a condition of no external refraction. In this study, the refractometer 
was operated at 30 °C (except where stated otherwise), using a constant thermoset temperature water 
bath. The equivalent of the 95 % probable confidence of the measured values was estimated for this 
device to be ± 0.00006 of the refractive index units.  
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 Procedure  
To conduct a measurement, about 2 ml aliquot of the sample was dropped on the refractometer optical 
disc. The swing lid was immediately covered with the rubber O-ring in place to minimise the 
evaporation of the sample solution, and to eliminate any atmospheric impurities like dust. Reading 
was delayed for 2 minutes, an interval found to be sufficient for the sample to cool or heat to the 
equilibrium temperature that was pre-set by the water bath (which was 30 °C for this study).  
Ten (10) readings were taken by pressing the measure knob at each time and recording the obtained 
values. After every reading, the optical disc and swing lid were cleaned first by acidic water. This 
dissolved any aluminium hydroxyfluoride hydrate crystals that may have been retained on the surface 
of the optical disc. Then later the surface was cleaned with water to return the surfaces to a neutral 
state. The disc was then wiped clean and dried with laboratory soft tissues. To verify that the 
refractometer disc was well cleaned, the refractive index of pure deionised water was measured until 
it reached the recorded value for water, which was measured to be 1.33300.  
 Calibration Chart  
Tests were performed to measure the relationship between the concentration of AHF solutions and 
its refractive index property. The objective was to investigate the suitability of refractive index 
technique for AHF solubility measurement. The calibration chart was developed by dissolving known 
masses of AHF in acid solutions (0.1, 1 and 10 wt. % H2SO4) and the refractive index measured for 
each solution. A plot of the refractive index versus the concentration of AHF (calibration chart) 
showed a linear trend and is presented in Figure 4.5 while the raw data is presented in Figure 
A2.1(Appendix).To measure solubilities, the refractive index of saturated solutions was compared 
with the calibration chart to deduce the unknown concentrations.  
Triplicates of 100 mls solutions denoted A,B,C, (ranging from pure mili-pore water at pH 6 to 10 wt. 
% H2SO4 solution at pH 0.5 -1.0) were saturated with AHF by adding excess of the salt. The mixtures 
were equilibrated in a constant water bath at 30 oC for 120 hrs (estimated equilibrating time) and 
stirred at 300 rpm. The amounts of AHF added and the concentrations of the acid solution is presented 
on Table 4.2. A and B samples were filtered with a porosity 4 filtering crucible while the C solutions 
were only left to settle. The crucible was maintained at 30 oC prior to filtration and the solutions were 
kept at 30 oC in the water bath prior to refractive index measurement. Aliquots of the solution were 
taken and placed on a refractometer and the refractive index readings obtained. The instrument used 
was a RFM 340 Bellingham Stanley desktop refractometer using a sodium monochromatic light 
source of 589.3 nm wavelength and maintained at 30 oC  
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Table 4.2 Experimental matrix for AHF dissolution. 
Sample H2SO4 
concentration  
(Wt. %) 
Solution 
mass  
(g) 
Added  
AHF 
 (g) 
pH of mixture 
(before 
filtration) 
pH of mixture 
(after filtration) 
1A 0 (water) 100.02 1.0016 5.877 5.010 
1B 0 (water) 100.03 1.0004 5.777 5.010 
1C 0 (water) 100.03 1.0005 5.589 5.236 
2A 0.01 100.02 2.0016 2.765 4.905 
2B 0.01 100.02 2.0015 2.766 4.850 
2C 0.01 100.02 2.0012 2.739 4.989 
3A 0.1 100.03 3.0013 1.911 4.310 
3B 0.1 100.03 3.0011 1.892 4.290 
3C 0.1 100.02 3.0006 1.872 4.310 
4A 1 100.02 5.0014 1.172 3.506 
4B 1 100.03 5.0010 1.184 3.649 
4C 1 100.01 5.0009 1.179 3.518 
5A 10 100.01 10.0017 0.476 0.614 
5B 10 100.03 7.0024 0.483 0.425 
5C 10 100.03 8.0056 0.468 0.515 
N/B: sample C’s where not filtered, rather left to settle and aliquots taken from the top 
 Result 
All the other solutions were at equilibrium with the solid (observed by whitish background), except 
the 10 wt. % solution which had a clear (colourless) background (Figure 4.4). This suggested that 
more AHF was needed to reach equilibrium. 
The measured refractive indexes for each of the solutions are in Table 4.3. Using the regression 
equations from the calibration charts in Figure 4.5, the corresponding AHF solubility was derived. 
This was only possible for the 0.1, 1 and 10 wt % H2SO4 solutions as changes in refractive index was 
found to be insensitive at lower (< 0.1 wt.%) acid concentrations. 
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Figure 4.4: Equilibrated AHF in solution showing labels. 
 
 
Figure 4.5: Calibration chart of AHF RI for 0.1, 1 and 10 wt % H2SO4 solutions. 
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Table 4.3: Refractive index/solubility measurements of AHF in aqueous solutions. 
sample nD nDw nD-nDw sol wt.% acid wt.% AHF AHF Sol (g/kg) 
3A 1.33230 1.33197 0.00033 0.1 0.11 1.08 
3B 1.33231 1.33197 0.00034 0.1 0.12 1.17 
3C 1.33232 1.33197 0.00035 0.1 0.12 1.25 
4A 1.33502 1.33197 0.00305 1 1.68 16.82 
4B 1.33500 1.33197 0.00303 1 1.66 16.64 
4C 1.33496 1.33197 0.00299 1 1.63 16.27 
5A 1.35476 1.33197 0.02279 10 10.57 105.75 
5B 1.36247 1.33197 0.03050 10 17.00 170.00 
5C 1.35230 1.33197 0.02033 10 8.52 85.25 
 
 
A plot of the obtained solubility against pH is given on Figure 4.6, the plotted data points are obtained 
from Table 4.3. The solubility results obtained from the refractive index measurements were 
compared with measurements made from inductively coupled plasma (ICP-AES) technique. In these 
later tests, 5 ml aliquots of the solution (from Table 4.4) were taken for ICP-AES analysis. Table 4.4 
shows the Al concentrations measured in mg/L and converted to g/kg.  
 
 
Table 4.4: Al measurements by ICP. 
Sample pH Al (mg/L) Al (g/kg) 
1A 5.010 8.6 0.01 
1B 5.010 8.4 0.01 
1C 5.236 8.3 0.01 
2A 4.905 23.5 0.02 
2B 4.850 23.3 0.02 
2C 4.989 22.7 0.02 
3A 4.310 200 0.20 
3B 4.290 200 0.20 
3C 4.310 200 0.20 
4A 3.506 2114 2.11 
4B 3.649 2086 2.09 
4C 3.518 2113 2.11 
5A 0.614 23645 23.65 
5B 0.425 29266 29.27 
5C 0.515 18812 18.81 
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Being that there is 1 mol of Al per mol of AHF, the obtained Al solubility in g/kg was converted to 
mol/kg and compared with the RI and simulation AHF solubilities. This is shown on Figure 4.6.  
 Conclusion 
The refractive index method was useful in determining the concentrations of aluminium 
hydroxyfluoride hydrate in acidic solutions. However, its sensitivity is reduced at low concentrations 
and is prone to errors. Solubility measurements using refractive index (RI) and inductively coupled 
plasma membrane atomic emission spectroscopy (ICP-AES) were close. Both results showed similar 
trends in AHF solubility, in experimental measurements and theoretical predictions. ICP-AES 
technique was however more reliable and used for a majority of the calculations, but RI was used as 
a quick measure knowing the possible error. 
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Figure 4.6: comparison of AHF solubility measurements from, RI, ICP and simulation. 
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 Lazer Light Scattering (Malvern Master Sizer) 
 Introduction 
The Lazer light scattering technique was the only method used for the particle sizing of the AHF 
particles synthesized in this study. It was also used to obtain the surface area of the synthesized 
crystals Particle size distribution could be measured by a variety of techniques such as; image 
analysis, time-of-flight instruments, sieving, coulter counters, focused beam reflectance 
measurements and laser diffraction.   
Laser diffraction techniques are popular in crystallization studies due to the speed and ease of 
measurement. It primarily provides result as a volume based size distribution in terms of the volume 
equivalent size of a particle, which is very convenient. This method determines particle sizes by 
measuring the intensities that forward visible light is being diffracted at different angles. Tiny solid 
particles scatter beams at much larger angles than larger particles. Laser diffraction is a non-
destructive method of particle sizing, especially when the crystals can be measured in their mother 
liquor. 
The instrument used for the particle size measurement in this study was the Malvern MasterSizer/E.  
This equipment was fitted with a 300 mm focal length lens that allows measurements of sizes over 
the required range (1 to 600 µm). As is typical of all particle size measurement devices, this equipment 
has a physical lower size limit. At sizes near this low size the Malvern Master Sizer/E results cannot 
be considered to be of great accuracy. This implies that large errors might be involved in estimating 
the total number of crystals when converting to the number distribution. 
The Malvern Master Sizer/E had the options of a 20 or 100 ml measurement cell. The 20 ml cell 
(Figure 4.7) was used throughout this study. This was mainly to minimize the amount of sample 
required for size analysis. This small sampling cell has an optical path length of 14.3 mm and is 
equipped with a magnetic stirrer to keep the analyzed crystals dispersed in the liquid media. The 
equipment had an option of varying the stirring speed of from 1 to 12. To keep the particles suspended 
the high setting of 8 (~ 2500 rpm) was used. From previous tests this was found to be optimum for 
this system and gave reproducible readings of the crystal size distribution. To eliminate the possibility 
of crystal breakage, the samples were left stirring in the sampling cell for only up to 2 minutes. This 
was found to be the maximum time before crystal breakage became significant and was determined 
from previous tests. 
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Figure 4.7: Malvern Master Sizer 20 ml sampling cell.(Rashid, 2011). 
 
 Conclusion 
Aluminium hydroxyfluoride hydrate crystals were observed to aggregate when separated from the 
mother liquor and dried. Washing with ethanol was useful in reducing the aggregation but could not 
eliminate it. The aggregation was likely due to electrostatic attraction created by charged nature of 
the AHF compounds. The binding forces seemed much stronger than mere physical clogging together 
as sonification for over 1 hour was unable to completely break the bond. 
Despite the above, solid size distribution could be improved by sieving and sonification. Aluminium 
hydroxyfluoride hydrate crystals like other metal salts, may aggregate upon drying. This may explain 
why the solid sizes where generally larger than the slurry sizes. For practical purposes, it will still be 
worth measuring the sold particles rather than the slurry, as this is the form that the AHF will be 
utilized. In this study, the particle size distribution of AHF crystals in slurry and solid forms were 
measured. 
 Scanning and Transmission Electron Microscopy 
 Introduction 
The scanning electron microscopy technique was used to obtain the images of the crystals synthesized 
in this study. A scanning electron microscope (SEM) is one of the types of electron microscope, 
others include Transmission Electron Microscope (TEM), Reflection Electron Microscope (REM), 
Scanning Transmission Electron Microscope (STEM) etc. It uses a focussed beam of electrons to 
scan a target, producing magnified images of the material under investigation. The interaction of the 
electron with the atoms in the sample, produces signals that are detected by a sensing device. The 
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signals are then used to obtain information about the sample's surface topography and composition. 
SEM can be used to achieve precise resolutions even at the nanometer range.  
 Procedure 
Scanning electron microscopy (SEM) images were collected under a variety of accelerating voltages 
and probe currents in an attempt to improve contrast and resolution. The crystals were mounted on 
12.6 mm diameter pin type mounts with carbon tabs and carbon coated. The surface morphologies of 
the aluminium hydroxyfluoride hydrate were investigated by a field emission scanning electron 
microscope (FESEM, JEOL JSM 7100F) with an accelerating potential of 15.0 kV.  
Samples for transmission electron microscopy (TEM) were ultrasonically dispersed in ethanol and 
transferred to carbon-coated copper grids. TEM observations were conducted using a JEOL 1010 
electron microscope, while the high resolution transmission electron microscopy (HRTEM) were 
recorded on a JEOL 2100 microscope operated at 200 kV. The instrument was also fitted with a 
system for energy-dispersive X-ray (X-EDS) analysis. 
 Results 
The micrographs obtained with this technique are presented in Chapter 9 of this thesis. SEM was the 
main method used for obtaining the crystal images in this study. The images were useful in studying 
the crystal habit and the crystallization mechanism of aluminium hydroxyfluoride hydrate.  
 Conclusion 
The scanning electron microscopy technique, was suitable for obtaining the crystal morphology and 
the surface topology of aluminium hydroxyfluoride hydrate crystals. 
 Infrared spectroscopy 
 Introduction 
Infrared spectroscopy (IR) was sparsely used in this study to investigate the chemical bonds and 
functional groups in the aluminium hydroxyfluoride hydrate crystals synthesized. Infrared 
spectroscopy exploits the fact that different molecules absorb specific frequencies that are 
characteristic of their chemical structure. In this instance the absorbance (transmittance) is the 
characteristic that defines the material being analysed. A typical spectrum is a plot of the absorbance 
on the vertical axis versus the frequency on the horizontal axis. 
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 Procedure 
In this study the PerkinElmer Spectrum 100 FT-IR spectrometer was used to obtain the aluminium 
hydroxyfluoride spectrum. The AHF sample to be analysed was dried according to the method 
described in section 4.3.2. The samples were prepared and analysed using well-established standard 
procedure. The obtained spectra was compared with standard reference to determine the bonds and 
functional groups present in the sample.  
 Result 
The infrared (IR) spectra obtained using this method is presented in Chapter 5. The identified bonds 
and functional groups validated the results obtained from elemental analysis. 
 Conclusion 
Infrared spectroscopy is suitable for identifying the bonds and functional groups present in aluminium 
hydroxyfluoride hydrate. 
 X-ray photoelectron spectroscopy 
 Introduction 
Surface analysis of aluminium hydroxyfluoride hydrate was done using the X-ray photoelectron 
spectroscopy (XPS) technique. The aim was to investigate the possibility of surface coating of the 
crystals synthesized. This is a non-destructive and surface sensitive analysis. It provides chemical 
analysis of the sample surface, only 5 – 10 nm deep.  Its spectrum is used in measuring the elemental 
composition thereby extracting the empirical formula, chemical and the oxidation state of the 
elements that compose the material.  
 Procedure 
In the procedure a beam of monochromatic X-rays was irradiated on the AHF crystals. The X-ray 
having sufficient photon energy, caused the emission of electrons from the crystal surface. The 
measured binding energy is characteristic of the elements present in the compound. A measurement 
of the kinetic energy and the number of electrons that escape from the top of the material, as well as 
the position and intensity of the peaks provide both chemical and quantitative (> 0.1 atom %) 
information for all elements except hydrogen.   
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The test was conducted in a high vacuum environment using the as-produced material without any 
further treatment. The machined used was the Kratos Axis Ultra photoelectron spectrometer which 
uses Al Kα (1253.6eV) x-rays. Casa XPS data processing software was used for the analysis of the 
obtained spectrum.  
 Result 
The X-ray photoelectron spectra obtained using this method is presented in Chapter 5. The elemental 
composition at the surface was similar to that at the sample core. There was no evidence of surface 
coating of the aluminium hydroxyfluoride hydrate synthesized in this study. 
 Conclusion 
X-ray photoelectron spectroscopy (XPS) technique is suitable for surface elemental analysis of 
aluminium hydroxyfluoride hydrate. However, it was sparsely used in this study. 
 Thermogravimetric analysis 
 Introduction 
Thermogravimetric analysis also referred to as therma gravimetric analysis (TGA) is a method that 
measures the changes in physical and chemical properties of a material as a fuction of temperature at 
constant heating rate, or as fuctiontion of time at constant temperature. It is best suited for matetrial 
that exhibit mass loss of gain due to decomposition, oxidation or loss of volatiles (including moisture). 
TGA can vbe used to obtain such information as water of crystallization, phase transition, 
vaourization, sublimation, adsorption, absorption and desorption. It can be used to study such 
phenomena as decomposition, heat of reaction, dehydration and chemisorption. 
 Procedure  
Thermal Gravimetric (TG), derivative Thermo Gravimetric (DTG) and Differential Scanning 
Calorimetric (DSC) curves were recorded on a SDT Q600 TA instrument. The synthesized 
Aluminium hydroxyfluoride hydrate sample were obtained and dried according to the method 
described in section 4.3.1. The dried sample was stored under vacuum in a desiccator. A chosen mass 
(< 20 mg) of the AHF sample was then heated in an open 40 µL Pt crucibles and an inert gas (typically 
analytical grade N2) was used to purge the surrounding air, at a flow rate of 100 mL/min. The 
instrument was calibrated using metal standards (In, Sn, Zn, Al, Ag and Cu) and sapphire (α-Al2O3) 
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and in accordance to procedures described by Sarge et al.(Sarge et al., 1994). The heating procedure 
began with a 10 minute isothermal step at 30 °C, then sample heating up to 1100 °C at 10 °C/minute 
and a final 10 minute isothermal step up to 1100 °C. These conditions where however altered to study 
their effect on the AHF sample. All samples were run at atmospheric pressure and repeats where done 
to check the variability. Before each sample run, empty platinum (Pt) crucibles were heated over 
identical heating programmes so buoyancy corrections could be made. To stop the interaction of AHF 
with the platinum (Pt) crucible, about 10 mg of alumina (Al2O3) powder was placed at the bottom of 
the sample and the reference crucible. This was done prior to the buoyancy correction runs. At other 
times, an alumina crucible was used instead.  
 Result 
The result of the TGA analyses, done in this thesis are presented in section 5.4.4. It was difficult to 
use the weight loss to ascertain the points where the water of crystallization was given off. The heat 
flow and the derivative weight curve were more revealing of the dynamics of the system and were 
used instead. However to calculate the amount of water crystallization, the observed onset and final 
regions of loss of water of crystallization was traced back to the weight % curve. 
 Conclusion 
Thermogravimetric analysis was a suitable method for determining the weight loss of aluminium 
hydroxyfluoride hydrate with increasing temperatures. This was used to get information on moisture 
content, temperature stability and the water of crystallization content of AHF. 
 X-ray fluorescence 
 Introduction 
The X-ray fluorescence technique, uses high energy X-rays or gamma rays to trigger the emission of 
characteristic fluorescent (secondary) X-rays. This technique is commonly used for elemental 
analysis of metals. In this study it was used as the primary elemental analysis method for fluoride (F) 
in solid and to a lesser extent aluminium (Al) and sodium (Na).  
 Procedure 
The XRF analysis of the samples was conducted by ALS Pty Ltd., Brisbane using the ‘whole rock 
geochemistry method’. In this method, about 0.9 g of the sample was pre-calcined. The calcines 
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sample was then added to about 9.0 g of Lithium Borate Flux (50 % Li2B4O7 – 50 % LiBO2) and 
mixed properly. The mixture was fused in an auto fluxer between 1050 – 1100 °C resulting to a 
molten mass. A flat molten glass disc was prepared from the resulting melt. The disc was the finally 
form of the prepared sample and which analysed by X-ray fluorescence spectrometry. 
 Conclusion 
The result obtained, using the X-ray fluorescence method is presented in section 5.4.4 and was used 
for quantitative analysis of the aluminium hydroxyfluoride hydrate samples synthesized. The error of 
the method was obtained as ± 5 %, which was used as the 95 % confidence interval of the results 
presented, using this method. 
 Crystallization Apparatus 
Specialized crystallizers were designed for this study, and were useful in the efficient control of 
temperature. The crystallizers were made with glass and having two compartments. The outer 
compartment was connected to a water bath using rubber hoses to aid water circulation. While the 
inner compartment contained the crystallizing solution. The crystallizers had different capacities 
(volumes) including 200, 500, 1000, 1200, 1400 and 1500 millilitre. Lidded and unlidded 
crystallization was done in this study. When lidded, the lid was designed to contain 6 ports that 
allowed controlled access to the crystallizing solution. Some of the ports were used for material 
sampling and entry, pH meter, thermometer, caustic dosage etc. The ports that were not used were 
closed with a plastic screw cork.  
The crystallizers were connected to an autotitrator for automatic titrant dosage and solution property 
sensing. The main solution properties that were measured was pH and temperature. The obtained data 
were logged continuously via a computer system. The autotitrator used in this study was the T-50 
Mettler Toledo model. This equipment logged data at a per second basis and this time interval could 
not be adjusted. However the titrant dosage rate and the titration mode was programmable. A picture 
of a typical experimental set-up is presented in Figure 4.8. 
The crystallizer was stirred from the top via an impeller from the autitrator and also from the bottom 
using Teflon coated magnetic stirrer bars. The stirrer bars where powered by a Wisestir® MSH-20 D 
magnetic stirrer unit. The size of the magnetic stirrers and the stirring rate used, depended on the size 
of the crystallizer chosen. Usually a maximum stirring rate of 250 rpm was found to give adequate 
suspension of the crystals with minimal attrition. Higher agitation rates were avoided to minimise 
crystal breakage. 
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Figure 4.8: Set-up for pH-static crystallization of aluminium hydroxyfluoride hydrate. 
 
 Calibration 
To enhance accurate results, the instrument and caustic used were calibrated with standards at regular 
intervals. A typical calibration of the autotitrator pH probe with buffers is presented in Figure 4.9a, 
while the standardization of the caustic used is presented in Figure 4.9b. The caustic was standardized 
using a standard 0.1M HCl made for purpose. 30 ml of 0.1 mol/l HCl was put in the burette and 
titrated with caustic to pH 8.5. The volume of caustic and the standardization equation C1V1 = C2V2 
was used for the calculations of the actual caustic concentration. ‘C’ represented concentration and 
‘V’ represented volume. The subscripts ‘1’ and ‘2’ represented the acid and base used respectively. 
The caustic concentration was obtained as 1.67 mol/l. 
 Conclusion 
The autotitrator set-up was very efficient in controlling the caustic dosage, during the experimental 
runs. It was also very intuitive in enhancing the controlled crystallization of aluminium 
hydroxyfluoride hydrate.  
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Figure 4.9: Autotitrator calibration/ standardization. 
Calibration of; a) pH probe, b) caustic standardization. 
 
 Error analysis 
It is a well-known fact that all measurements have some degree of uncertainty, likewise the data 
presented in this work. Error is used in this studies to refer to the estimate of this degree of uncertainty. 
As much as possible, measures have been taken to minimise errors, but the obtained values are likely 
to have some deviation from the true values. As the true values are unknown, the 95 % probable error 
y = 0.9736x + 0.1122
0
2
4
6
8
10
0 2 4 6 8 10
A
u
to
-t
it
ra
to
r 
p
H
Buffer pH
a 
b 
Chapter 4 
95 
 
expression convention is used throughout this thesis. This means that for all measurements, ‘there is 
a 95 % probability that the true value lies within the error limit quoted’ (White, 2012). 
In this work, errors are expressed as absolute or relative. Absolute errors are given the same unit as 
the quantity measured example 50 (± 5) g, while relative errors are mostly expressed as dimensionless 
percentages, example 50 g (± 10 %). Error estimates are made of single data and also of combined 
values according to the method described in (White, 2012). 
Three estimation methods have been used in making estimates of single data, these are half the scale 
interval, analysis of scatter of multiple measurements and personal judgement from experience. When 
independent variables are combined in calculations to obtain result of interest, for example mass 
depositional rate (kg/m2.s), the propagation of errors are also estimated. The following rules for 
combining errors were applied; 
If the variables 𝑥1, 𝑥2, 𝑥3………. 𝑥𝑛are functions of y, ie y = f (𝑥1, 𝑥2, … … . 𝑥𝑖……….𝑥𝑛), and 𝑥𝑖 are 
all independent of each other, Equation 4.3 was the general error propagation calculation applied. 
(𝛿𝑦)2 =  ∑ (𝑆𝑖𝛿𝑥𝑖)
2𝑛
𝑖=1   (4.3) 
 
Where ‘𝜹𝒚’ is the absolute probable error of the combined result, ‘𝜹𝒙𝒊’ is the absolute probable erros 
in the combining variables and ‘𝑺𝒊’ is the sensitivity of ‘y’ with respect to ′𝒙𝒊′. The general rule for 
the combination of errors in full, was obtained from the expression of Equation 4.4. 
(𝛿𝑦)2 =  [
𝜕𝑦
𝜕𝑥1
]
2
𝛿𝑥1
2 +  [
𝜕𝑦
𝜕𝑥2
]
2
𝛿𝑥2
2 + ⋯ … … … . + [
𝜕𝑦
𝜕𝑥𝑛
]
2
𝛿𝑥𝑛
2 
(4.4) 
 
Errors on empirical regression fit, were obtained directly from the in-built statistical analysis of the 
error fitting tool used. In this study, Microsoft excel 2013 and Origin pro 8 were the two main tools 
used for obtaining empirical relations.
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CHAPTER 5 
Synthesis and Characterization of Aluminium 
Hydroxyfluoride Hydrate 
5 Synthesis and Characterization of Aluminium Hydroxyfluoride Hydrate 
 Introduction 
This chapter presents a suitable method for the synthesis of aluminium hydroxyfluoride hydrate from 
laboratory reagents. This was necessary as there were no commercial suppliers of this material. For 
the subsequent solubility and crystal growth measurements to be possible, it was required to isolate 
this compound and study its behaviour using model solutions, with a view to applying in an industrial 
process.  
The synthesis route of interest was such that mimics the proposed chemical leaching process for the 
crystallizing of aluminium hydroxyfluoride hydrate (AHF) from spent pot lining (SPL) leachates as 
discussed in section 2.4. It is the object of the present study to probe into the actual composition and 
hence realistic empirical formula for this compound, as different formulas have been suggested in the 
literature as discussed in section 2.6.3. The purity of the as-prepared sample will also be examined 
along with the characterization of some of its physical and chemical properties relevant to the current 
study. 
 Preliminary speciation modelling 
In order to assess the likelihood of co-precipitation, speciation modelling was conducted. Previous 
studies had indicated the possibility of sodium fluoroaluminates and gibbsite co-precipitation. 
Speciation modelling was also used to determine whether there is an optimum fluoride to aluminium 
ratio in solution, ahead of increasing pH to cause crystallisation of AHF.  The speciation equilibria in 
solution was modelled according the reactions and stability constant data shown in Table 5.1. the 
equations, equilibrium constants and the enthalpy of reactions were selected from (Lisbona, 2009). 
The model was a set of simultaneous equations solved in Microsoft Excel. As the solubility product 
of aluminium hydroxyfluoride hydrate was not yet obtained, the conditions for the possible 
crystallization of cryolite and gibbsite was estimated instead.  
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Table 5.1: Speciation equilibria and stability constant data for the aluminium hydroxyfluoride 
system. 
 Reaction pK (25 oC)0.0 HR (25 oC) (kJ/mol) 
1 Al3+ + F-  AlF2+ 7.0 4.44 
2 Al3+ + 2 F-  AlF2+ 12.7 8.28 
3 Al3+ + 3 F-  AlF3 16.8 9.04 
4 Al3+ + 4 F-  AlF4- 19.4 9.20 
5 Al3+ + 5 F-  AlF52- 20.6 7.70 
6 Al3+ + 6 F-  AlF63- 20.6 7.0 
7 Al3+ + H2O  AlOH2+ + H+ - 5.0 55.4 
8 Al3+ + 2 H2O  Al(OH)2+ + 2 H+ - 10.1 122.5 
9 Al3+ + 3 H2O  Al(OH)3 + 3 H+ - 16.8 176.3 
10 Al3+ + 4 H2O  Al(OH)4- + 4 H+ - 23.0 183 
11 Al3+ + F- + H2O  AlFOH+ + H+ 1.4 - 
12 Al3+ + F- + 2 H2O  AlF(OH)2 + 2 H+ - 4.9 - 
13 Al3+ + F- + 3 H2O  AlF(OH)3- + 3 H+ - 11.9 - 
14 Al3+ + 2 F- + H2O  AlF2OH + H+ 6.1 - 
15 Al3+ + 2 F- + 2 H2O  AlF2(OH)2- + H+ - 0.8 - 
16 Al3+ + 3 F- + H2O  AlF3(OH)- + H+ 9.6 - 
17 H+ + F-  HF 3.17 13.4 
18 H+ + SO42-  HSO4- 1.99 22.5 
19 Al3+ + SO42-  AlSO4+ 3.84 9 
20 Al3+ + 2 SO42-  Al(SO4)2- 5.58 11.9 
21 Al3+ + H+ + SO42-  AlHSO42+ 2.448 - 
22 Na3AlF6 (s)  3 Na+ + AlF63- - 9.375 44.67 
23 Al(OH)3 (s) + 3 H+  Al3+ + 3H2O 10.8 - 111 
Adapted from Lisbona (2009). 
 
 
The chemical species that were considered in the model were Al3+, H+, Na+, F-, HF(aq), SO4
2-, HSO4
-, 
AlF2+, AlF2
+, AlF3(aq), AlF4
-, AlF5
2-, AlF6
3-, Al(OH)2+, Al(OH)2+, Al(OH)3(aq), Al(OH)4
-, AlFOH+, 
AlF(OH)2(aq), AlF(OH)3
-, AlF2OH(aq), AlF2(OH)2
-, AlF3(OH)
-, AlSO4
+, Al(SO4)2
-, AlHSO4
2+.  The 
Van’t Hoff equation method of relating the change in equilibrium constants, of a chemical equilibrium 
to the change in temperature was used to estimate the temperature dependence of the stability 
constants. This method assumes a constant enthalpy correct for all the equilibrium constants at 
temperatures higher than 25 °C.   
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Figure 5.1: Equilibrium concentration of Fluoroaluminate species (total Al = 0.385 M, 25C). For 
F/Al; a) 1.5, b) 2.0, c). 2.5. 
a 
b 
c 
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Figures 5.1 shows the distribution of fluoroaluminate species as a function of increasing pH at a 
temperature of 25 C. Results are shown for pH between pH 3 and 7 for an initial total aluminium 
concentration of 0.385 M. Figure 5.1a shows the distribution of species for an F:Al molar ratio of 1.5, 
while Figures 5.1b and c  shows the distribution of species for an F:Al molar ration of 2.0 and 2.5, 
respectively.  Please note that only the species with significant concentrations above 0.01 M are 
shown. There are other species with very low concentrations and are considered negligible. Hence 
they are not included in the presented results.  
Figure 5.2 shows the distribution of hydroxyfluoroaluminate species at the same starting Al 
concentration, pH and temperature conditions as Figure 5.1. Similarly, only species of significant 
concentrations are presented. Figure 5.1a, b and c show the distribution of hydroxyfluoroaluminate 
species for an F:Al molar ratio of 1.5, 2.0 and 2.5 respectively, at pHs ranging from 3 to 7. The chosen 
pH range are the region of significant activity of the hydroxyfluoroaluminates. Below this range the 
concentrations of the hydroxyfluoroaluminates are so small that they can be considered negligible. 
Their increased activity from pH 3.0, is due to the increase of hydroxyls in solution. 
As observed in Figure 5.1, typical aluminium hydroxyfluoride hydrate starting solutions are 
dominated by the AlF2
+ species, at F:Al molar ratios between 1.5 – 2.5. There is however a 
competition from the AlF3 species as the F:Al molar ratio increases from 1.5 – 2.5. Notwithstanding, 
AlF3 species can be ignored for now as they are unlikely to precipitate, given its known high solubility 
and prolonged metastability in aqueous solutions. 
The dominance of the concentration of AlF2
+ is followed by the similar AlF2+ species. But the latter’s 
concentration reduces significantly as the F:Al molar ratio increases. The concentration of AlF2
+ on 
the other hand decreases significantly as pH increases (Figure 5.1). Whereas the concentration of 
aqueous AlF2(OH)(aq) increases significantly within the same region at an almost exact opposite trend. 
It suggests that AlF2
+ may be converting to AlF2OH, and this has been previously suggested by 
(Lisbona, 2012b) according to Equation 5.1.  
The formation of AlF2OH(aq) in solution may provide a guide to the expected precipitation behaviour 
of AlF2OH solid.  Interestingly, the trend for AlF2OH(aq) is not highly dependent on the F:Al ratio.  It 
is slightly higher when the F:Al ratio is 2, however, it follows a similar trend when the F:Al ratio is 
1.5 and 2.5.  The possible reason for this is that the trends for flluoroaluminate species begin to 
approximate each other at all F:Al ratios, particularly above pH 6 as shown in Figure 5.1.   
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Figure 5.2: Equilibrium concentration of Hydroxyfluoroaluminate species. Total Al = 0.385 M, 25C, 
for F:Al, a) 1.5, b) 2.0, c) 2.5. 
 
a 
b 
c 
Chapter 5 
101 
 
AlF2
+ + OH- ↔ AlF2OH (s)  (5.1) 
The ideal F/Al ratio for AHF crystallization was considered with a view to avoiding co-precipitation 
of impurities. Typical unwanted phases were sodium fluoroaluminates (cryolite) and gibbsite. The 
model examined the extent of supersaturation of these competing phases over a range of pH and F:Al 
molar ratios. Theoretically, precipitation is expected to occur when the ion activity product (IAP)) 
exceeds the solubility product constant Ksp. Hence cryolite and gibbsite Al(OH)3 are expected to 
precipitate when Equation (5.2) and (5.3) are satisfied. These equations are based on their solubility 
product constant, obtained from (Parkhurst and Appelo, 2013) and presented in Table 5.1.  The 
enthalpies of reaction (HR) as given on Table 5.1 indicate that the solubility of gibbsite is expected 
to decrease with increasing temperature while that of cryolite is expected to increase with increasing 
temperature.     
[Na+]3[Al3+][F-]6  ≥  3.24 × 10-32 (5.2) 
[Al3+] / [H+]3   2.40 ×1010   (5.3) 
The ionic concentration products at 25 °C for cryolite and amorphous gibbsite, are shown on Figure 
5.3a and b respectively. This Figure shows the threshold levels above which precipitation is expected 
to occur. Cryolite is expected to precipitate at all pHs > 3.0 for an F:Al molar ratio of 2.5. It is also 
expected to precipitate at pH > pH 6.1 for a F:Al ratio of 2 and at pHs > 6.6 for a F:Al ratio of 1.5. 
The likelihood of cryolite precipitation seems more dependent on the concentration of its composing 
ions in solution, than on the prevailing pH. 
The precipitation of gibbsite is expected to occur at pHs between 4.2 and 5.2 for molar ratios of F:Al 
between 1.5 and 2.5. It follows that a high F:Al molar ratio increases the possibility of cryolite 
precipitation and yet reduces the possibility of gibbsite precipitation. From Figure 5.3, if an F:Al 
molar ratio of 2.5 is used in the starting solutions for AlF2OH·H2O precipitation, the molar ratio in 
solution would increase further as solid phases are formed. Likewise, if a F:Al molar ratio of 1.5 is 
used instead, the F:Al ratio in solution would decrease as solids are formed. Given that at low F:Al 
ratios the possibility of gibbsite precipitation increases, if this occurs, then the F:Al molar ratio in 
solution would increase. This would then reduce the likelihood of further precipitation of gibbsite. 
The results from the speciation modelling informed that a favourable condition for pure AHF 
crystallization would be an F:Al molar ratio below 2 in the starting solutions. The identified 
favourable conditions from the speciation modelling, was tested experimentally. 
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Figure 5.3: Equilibrium concentration product at total Al = 0.385 M, 25C. a)For cryolite, b) For 
gibbsite 
 
pH
3 4 5 6 7
[N
a
+
]3
[A
l3
+
][
F
- ]
6
10-38
10-37
10-36
10-35
10-34
10-33
10-32
10-31
10-30
10-29
10-28
10-27
F:Al = 1.5 
F:Al = 2.0 
F:Al = 2.5
pH
3 4 5 6 7
[A
l3
+
]/
[H
+
]3
108
109
1010
1011
1012
1013
1014
1015
1016
F:Al = 1.5 
F:Al = 2.0 
F:Al = 2.5
3.2 × 10-32 
2.4 × 1010 
a 
b 
Chapter 5 
103 
 
 Materials and Methods 
General procedure 
The general procedure for crystallizing AHF from simple laboratory reagents, is as follows. Powdered 
gibbsite (Al(OH)3) is added, followed by addition of sodium fluoride (NaF) to obtained an F/Al molar 
ratio of 2 ± 0.5 solution. Undissolved particles are filtered and the clear solution should still have an 
F/Al molar ratio of 2. ICP analysis was used to check the ratio by analysing for both Al and Na, 
whereby the concentration of Na was used to estimate the concentration of Fluoride (F). 
The above solution typically has a pH of about 2 and then partially neutralised by dosing with an 
appropriate base(NaOH) . Al(OH)3, NaF, H2SO4 and NaOH were chosen as they are considered to be 
the most widely available sources of Al3+, F-, acid and base. Partial neutralization to pH 5.0 enables 
AHF to precipitate. The crystallized AHF is then washed with water at 80 oC and then ethanol to 
prevent crystal caking. This final product is dried in an oven prior to cooling in a desiccator. An 
example of the standard procedure used throughout this thesis follows. 
The standard AHF crystallizing procedure 
Aluminium hydroxyfluoride hydrate (AHF) was prepared by digesting 30.0 g of Al(OH)3 in 1 Liter 
of 0.6 M sulphuric acid to obtain 0.38 M Al3+. 25 g of NaF was then dissolved in the same solution 
to obtain 0.61 M F-. The pH of the resulting solution was 1.5 ± 0.5 and the F:Al ratio was 
approximately 1.6.  AHF was crystallized by partially neutralizing the solution, with the addition of 
2 M NaOH to a pH 4.9. 
The precipitate was recovered by filtration using Whatman No. 1 filter paper.  The solid was washed 
with approximately 500 ml of water at 80 oC.  The washed product was dried in air overnight and 
then in an oven at 110 oC for 1 hour before cooling in a desiccator.  The procedure was repeated using 
a neutralization pH level of 4.6 – 5.4 to produce enough material in order to conduct solubility and 
other studies.  
Figure 5.4 shows the images of the obtained product. It crystallized as a white powdery substance. 
Figure 5.4a shows a picture of typical sample, Figure 5.4 shows the light microscope image, while 
Figure 5.4c shows the scanning electron micrograph. 
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Figure 5.4: AHF images. a) Picture image, b) Light microscope image, c) Scanning electron 
microscope image. 
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 Results and discussion 
 Phase identification. 
Powder X-ray diffraction was the main method used to identify the phases present in the obtained 
product. This was done by comparing the obtained diffraction of the sample with the standard 
reference for aluminium hydroxyl fluoride as contained in the diffraction library of the international 
centre for diffraction data (ICDD). This database was accessed using Eva version 3.1 (an XRD search 
matching software). An exact matched showed that a single crystalline phase was obtained. Partial 
match showed that there were other crystalline co-precipitates which needed to be searched matched 
with the suspected phase.  
Most amorphous compounds do not usually have a well-defined diffraction pattern, making it difficult 
to detect using this method. Moreover the possible amorphous co-precipitate from this system being 
gibbsite has a not so well defined diffraction pattern. However there are techniques of getting some 
information on the level of amorphous content from an X-ray diffraction chart. A raised (thick) 
background shows that there were crystalline impurities, while a low intensity background indicated 
the absence or at least negligible amorphous content.  
Figure 5.5 shows an example of two samples of AHF whose patterns showed no presence of other 
crystalline peaks. Both peaks match with that of the standard for AHF, but Figure 5.5b showed the 
presence of amorphous impurities, while Figure 5.5a was a high purity sample. Figure 5.5b was 
synthesizeded from starting solutions an F/Al molar ratio < 1.5. As suggested by the modelling result 
in section 5.2, at such high aluminium content, the precipitation of gibbsite is favoured. 
On the other hand, crystalline impurities are usually easy to identify. The encountered crystalline co-
precipitates in the system used were mostly cryolite and rarely sodium sulphate (in trace amounts). 
Previous studies in a similar system showed a possibility of chiolite co-precipitation (Lisbona, 2009), 
but this was never encountered in this work.  
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Figure 5.5: XRD pattern for aluminium hydroxyfluoride hydrate. a) An example of low-to-negligible 
amorphous content. b)An example of high amorphous content 
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There were some samples were cryolite or gibbsite was preferentially crystallized over aluminium 
hydroxyfluoride, but in most cases, they occurred as co-precipitates. Figure 5.6 is an example of a 
sample where cryolite co-precipitated with aluminium hydroxyfluoride hydrate. Figure 5.6 was 
obtained from a sample with an F/Al molar ratio > 2.5. According to the speciation model in section 
5.2., crystallizing AHF from starting solutions with such high fluoride content favoured co-
precipitation of cryolite. 
 
Figure 5.6: XRD pattern of AHF co-precipitated with cryolite. *AHF,  #cryolite 
 
 
The powder x-ray diffraction data from this study was compared with that in the literature, and they 
showed good agreement (Table 5.2). This comparison was necessary as different methods were used 
for the synthesis. It is worthy to note that this study was the first to synthesize AHF using sodium 
fluoride as the source of F, gibbsite as the source of Al, digesting in sulphuric and partially 
neutralizing with caustic.  
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Table 5.2: Comparison of the XRD data of AHF. 
Miller 
Indices 
Standard 
reference * 
This study Rosenberg** Grobelny *** Cowley & Scott 
*# 
hlk dobs I/I0 dobs I/I0 dobs I/I0 dobs I/I0 dobs I/Io 
111 6 100 6 100 6 100 6 100 6 100 
311 3 53 3 55 3 40 3 60 3 48 
222 3 24 3 29 3 25 3 30 3 22 
400 2 7 2 8 2 5 2 8 2 6 
331 2 4 2 8 2 3 2 8 2 5 
422 2 11 2 12 2 10 2 20 2 10 
333 2 21 2 24 2 20 2 35 2 20 
440 2 25 2 25 2 15 2 35 2 24 
531 2 6 2 7 2 5 2 10 2 7 
620 2 4 2 6 2 3 2 8 2 6 
*(Fourquet et al., 1988), **(Rosenberg, 2006), *** (Grobelny, 1977), *#(Cowley and Scott, 1948) 
 
 Suppressing co-precipitation 
The major factors necessary to supress the co-precipitation of gibbsite and cryolite at ambient 
temperatures are the F/Al ratio of the starting solution and the pH of partial neutralization. An F/Al 
ratio of 2 and a neutralization pH of ≤ 5.0 was found to be the safe conditions for pure AHF 
crystallization. The reason for this can be seen from the ion association reactions represented on 
Equations 5.1 to 5.3. Increased fluoride content in the presence of high sodium contents favours 
cryolite precipitation. Likewise, increased aluminium-Al content in the presence of hydroxyls - OH-, 
favours gibbsite precipitation as predicted by the modelling in section 5.2.  
The observed co-precipitation of cryolite at high pHs when partially neutralized with caustic could 
be due to the increased sodium (Na) content, rather than pH. However, high pH was an indication of 
high Na content. Figure 5.7 shows the XRD pattern produced using an F/Al ratio of 1.6 and various 
neutralisation pH levels from 4.6 - 5.4.  It can be seen that cryolite co-precipitation occurs at pH levels 
of 5 and above.  Based on the modelling and precipitation studies a F:Al ratio of 1.6 and neutralisation 
to pH of 4.9 was chosen for preparing AHF. 
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Figure 5.7: XRD of solid produced at varying pHs. F:Al =1.6 and pH 4.6 - 5.4, showing emergence of 
cryolite impurity at pH 5.0 and above. 
 
 
 X-ray diffraction sensitivity 
An experiment was performed to determine the sensitivity of XRD in detecting cryolite impurities. 
Aluminium fluoride-AlF3 was spiked with varying proportions of crystalline cryolite (Na3AlF6) as 
shown in Table 5.3. 
 
Table 5.3: Crystalline mixture proportions. 
Sample 
no. 
Total mixture 
(g) 
Main Crystalline 
AlF3 (g) 
Impurity crystalline 
Na3AlF6 (g) 
% Crystalline 
impurity 
1 0.2132 0.2132 0.0000 0 
2 1.0052 0.9015 0.1037 10 
3 1.0074 0.7015 0.3059 30 
4 1.0031 0.5017 0.5014 50 
5 1.0036 0.3013 0.7023 70 
6 1.0125 0.0000 1.0125 100 
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Figure 5.8 shows the obtained XRD pattern result. The crystalline (cryolite) impurity was easily 
observed even from 10% Na3AlF6 / 90% AlF3 proportions. However, the peaks became significant at 
30 % Na3AlF6 / 70 % AlF6 proportions. This showed that XRD was sufficient for quick identification 
of the crystalline phases synthesized. This method is sensitive enough in identifying crystalline 
phases. Nevertheless, for more detailed analysis of purity, more stringent tests involving elemental 
analysis would need to be conducted; especially as it was hard to quantify impurities using this 
method, in addition to the difficulty in observing the amorphous content. 
 
Figure 5.8: Comparison of the XRD patterns of pure AlF3 with known proportions of crystalline (Na3AlF6) 
impurity. N/B *indicates Na3AlF6 peaks. 
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 Quantitative and qualitative analysis 
Having identified the stable phase synthesized as aluminium hydroxyfluoride hydrate using the 
powder X-ray diffraction technique, it became necessary to ascertain the exact molecular composition 
of the as-obtained compound. This was necessary as varying empirical formulas have been cited in 
literature for this compound (see section 2.6.2) and it is likely that different synthesis methods could 
be responsible for the slight variations. It is also understood that the methods of elemental analysis 
can also be a major contributing factor to these differences. The accuracy of elemental analysis 
techniques depends on many factors some of which are; 
o The limitations of the elemental method adopted 
o The concentration range measured 
o Environmental influences (impurities) 
o Equipment errors 
o Human errors. 
 Elemental analysis 
Alkali fusion was the method adopted for the elemental analysis of the crystallized aluminium 
hydroxyfluoride hydrate.The term alkali fusion could refer to many different methods were solids are 
fused with an alkaline solid in order to ease its digestion in a solvent and free the contained ions for 
analysis. In this work, the  technique used was the method developed specifically for SPL by Besida, 
(2001) for spent pot linings and adopted by Lisbona (2009) for the same purpose. It involves the 
following steps; 
 
o Fusion of aluminium hydroxyfluoride solid sample with alkali sodium carbonate (Na2CO3) at 
high (> 900 oC) temperature. 
o Digestion of the fused solid with acid (HCl). 
o Precipitation of metallic species with 8-hydroxyquinoline. 
o And determination of fluoride concentration with a fluoride ion selective electrode.  
The detail of this method is given in Chapter 4. 
Although an aluminium hydroxyfluoride molecule also contains hydrogen and oxygen atoms, the 
components analysed at this point were the aluminium-Al and Fluoride-F contents.  The hydrogen 
and oxygen content were estimated by charge balancing. This method was found to be suitable to the 
nature of this compound (Lisbona, 2009). 
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Fluoride Content measurement 
After having prepared the solid sample according to the procedure outlined Chapter 4 fluoride content 
measurement using the fluoride ion selective electrode F - ISE followed. Prior to this the electrodes 
were calibrated with F- standard solutions. In this work fluoride standards were made from 99.9% 
anhydrous NaF supplied by Sigma Aldrich. The electrode potential measured in millivolts was used 
to obtain the calibration chart.  
Several F-ISE calibrations were made in the course of this study. The one used in obtaining the F 
concentration presented further is shown in Figure 5.9. The obtained linear regression equation was 
used to determine the fluoride content of the digested aluminium sample, analysed. The fused and 
digested AHF samples were diluted to appropriate concentrations and the electric potential of each 
sample compared with the obtained calibration chart. This was used to determine the fluoride content 
of the samples.  
 
Figure 5.9: Calibration curve for F determination on a semi-log plot. 
 
Aluminium Content 
According to the method, the weight of recovered solid from the precipitation step can be assumed to 
be Al(C9H6ON)3 since the precipitate should be almost free of any other metallic impurity (Besida, 
2001). The masses of the precipitate for each run was measured and used to make estimates of the 
aluminium content.  
y = -25.2ln(x) + 91.41
R² = 1
-30
-10
10
30
50
70
90
1 10 100
E
le
ct
ro
d
e 
p
o
te
n
ti
al
 (
m
V
)
ppm fluoride as F-
Electrode
potential (mV)
Log. (Electrode
potential (mV))
Chapter 5 
113 
 
 Alumnium hydroxyfluoride hydrate purity 
X-ray fluorescence test was conducted on three sets of samples of aluminium hydroxyfluoride 
hydrate. All the samples were prepared according to the standard procedure described in section 5.3. 
The aim was to obtain a wider range of compositions not covered by the alkali fusion method. The 
elements analysed included Aluminium (Al), sodium (Na), Magnesium (Mg), Calcium (Ca), Iron (Fe) 
and Sulphur (S). This wider range of composition was to make it possible to estimate the percentage 
purity of the as-synthesized phase. To make it possible to make comparisons with previous in-house 
measurements (using alkali fusion method), the tests was outsourced to an external laboratory, ALS 
Brisbane. The results obtained are given on Table 5.4. 
 
Table 5.4: Component analyses for three AHF samples. 
Sample LOI Al Na Mg K Ca Fe S Total 
 % % % % % % % %  
AHF S-10 NSS 24.9 2.02 0.7 <0.008 0.107 0.063 2.53 30.32 
AHF S-11 NSS 26.4 0.364 0.169 <0.008 0.036 0.119 3.82 30.91 
AHF S-11B NSS 25.2 1.78 0.688 <0.008 0.093 <0.007 2.3 30.06 
Values highlighted in italics are considered to be negligible (< 0.2 %). 
 
The last column is the sum of all the analyses given.  Thus only ~ 30% of the constituents were 
analysed, the remainder being F, OH, water of crystallization and impurities. 
Estimate of complete sample 
If it is assumed that, 
(a) All the Al is in the form of monohydrated AHF (AlF2OH.H2O),  
(b) That the other main constituent is anhydrous sodium sulphate (Na2SO4) and that its amount can 
be estimated from the average of the S molar content and half the Na molar content.   
(c)  That the Mg may be ignored, (must be present as an impurity in the reagent used). 
Then Table 5.5 shows the resultant composition of the samples and Table 5.6 the estimated species. 
Table 5.5: Estimated complete analysis of samples. 
Sample Al % Na % SO4 % F % OH % H2O % Total 
  % % % % % % 
AHF S-10 24.9 2.82 5.90 35.07 15.70 16.63 101.0 
AHF S-11 26.4 2.92 6.10 37.18 16.64 17.63 106.9 
AHF S-11B 25.2 2.54 5.31 35.49 15.89 16.83 101.3 
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Table 5.6: Estimated species in samples. 
Sample AHF % Na2SO4 % Total % 
AHF S-10 92.30 8.72 101.0 
AHF S-11 97.86 9.02 106.9 
AHF S-11B 93.41 7.84 101.3 
 
The results using X-ray fluorescence (XRF) analysis were 24.9 % ± 5 % Al, 35.91 ± 10 % F and 
92.30 % ± 10 % AHF respectively. There was significant inconsistencies with the results obtained 
using Alkali-fusion, hence the data was rejected all together. The X-ray fluorescence (XRF) method 
was taken to be more reliable, especially as a wider range of components were analysed. 
 Compositional uniformity 
Surface analysis using X-ray photoelectron spectroscopy (XPS) was conducted to compare the 
elemental composition on the surface with that in the bulk sample. This was aimed at determining the 
uniformity of the sample as there was a possibility of surface fouling. This phenomena has been 
reported for aluminium oxide (alumina) obtained by Bayer process. The surface was fouled with 
bayerite and gibbsite as well as a dawsonite – like species, promoted by sodium-Na impurities (Lee 
and Condrate Sr, 1995). To determine this, the sample was first analysed after being stored for 2 
months. The sample was split in two, with part ground to reveal their inner composition and compared 
with the other part. The composition from the ground and un-ground samples were compared to 
examine any possible changes. Table 5.7 and Figure A2.1(appendix) shows the identified 
compositions of both samples. 
 
Table 5.7: Comparison of bulk and surface composition of AHF. 
Bulk elemental analysis of AHF determined using XRF 
Sample LOI F Al Na S 
description wt. % wt. % wt. % wt.% wt.% 
Average 50.05 20.53 25.13 3.05 3.87 
Surface elemental analysis of AHF using XPS 
Ground 48.13 15.40 29.95 1.77 5.47 
Un-ground 51.31 12.86 25.99 0.94 4.26 
 
 
From Table 5.7, it was deduced that there was no marked difference between the composition of the 
ground and un-ground samples. This suggests the composition was uniform and the surface fouling 
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did not occur. Although the ground samples have a somewhat higher loss-on-ignition (LOI) 
component, this is the expected due to the increased surface area. The generally reduced composition 
of the other elements (F, Al, Na and S) in the ground samples was proportional to the increased LOI 
content.  
 
 Characterization of functional groups and structural water 
Infrared spectroscopy and nuclear magnetic resonance were used to characterise the functional group 
and the water of crystallization present in the molecules of a typical aluminium hydroxyfluoride 
hydrate. IR spectra were recorded under air at ambient temperature, the obtained spectra is shown in 
Figure 5.10 The first narrow peak on 1150 cm-1 accounts for the presence of an M-O (where M = 
metal). As Al is the only major metal in this compound, this was interpreted as the Al-O bond. The 
second peak at 1654 cm-1 corresponds to the presence of an M-F bond, which is likewise interpreted 
as an Al-F bond. The presence of the broad band detected between 3000 and 3700 cm-1 accounts for 
the presence of the hydroxyl functional group. The absence of bands at wavenumbers higher than 
4000 suggested the samples were dry and that there was possibly no unbound water. 
 
Figure 5.10: IR spectroscopy of a typical aluminum hydroxyfluoride sample. Showing OH, Al-F and 
Al-O bonds are present. 
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The bending mode of water species was detected was observed in all three peaks. According to 
Burneau et al. (1990) such bending modes suggests the existence of different configurations of the 
water molecules. The higher and lower peaks can be assigned to water molecules that act as donors 
and acceptors of electrons respectively. This observation makes it possible to make inferences on the 
possible structural configuration of the component atoms in relation to the water of hydration. 
The F/OH composition of aluminium hydroxyfluoride hydrate seems to vary slightly from batch to 
batch. Figure 5.11 suggests some explanation for this. The similarity in sizes of the F- and OH- makes 
it possible for two to be attached to aluminium at the same site. There have been prior suggestions 
that the concentrations of F/OH molar ratio in solution influences the F/OH molar ratio in the solid 
crystallized (Cowley and Scott, 1948). This is thought to be due to the increased chemical potential 
of the dominating atom and could control the empirical formula of the crystallizing solid. This 
suggests some explanation for the variable empirical formulas cited by different authors and presented 
in section 2.6.2.  
 
 
 
 
 
 
Figure 5.11: Possible configuration of aluminium hydroxyfluoride hydrate structure. 
 
The above configurations could be rationalized on the basis of the spectra from Figure 5.10. The Al 
bonds with the OH and F atoms separately, while the water molecules interact at each of these bonds 
but not with the Al. The high electronegativity of fluoride (F) ions when interacting with water is 
most likely going to attract the electron on the hydrogen atom of water. This results to the fluoride 
being the electron acceptor and water the donor. The opposite effect is expected with hydroxyls (OH) 
where the oxygen atom gets its two electrons from Al. Therefore the proton acts as an electron donor 
to the oxygen of the water molecule. 
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 Water of Crystallization  
Thermogravimetric (TGA) analysis was conducted on the samples synthesized. The aim was to 
determine the water of crystallization. AHF is said to have the general formula Al(F,OH).nH2O. 
Varying values of the water of crystallization have been published by different authors some of which 
are listed in section 2.6.2.  
The loss in weight with increasing temperatures of various samples of AHF was tested using different 
initial masses of sample. Varying initial and final temperatures were also tested. The aim was to 
observe the effect of test conditions on the weight loss patterns. Figure 5.12 shows the result from six 
(6) of such runs. The initial mass and temperature conditions used, are shown on the legend of the 
chart. 
 
Figure 5.12: Typical weight loss profile of aluminium hydroxyfluoride hydrate. 
 
It was observed that the initial mass or temperature had no distinct effect on the weight loss pattern 
of AHF. The weight profile at different temperatures were similar, suggesting that the only real 
influencing factor was the dehydration of the sample. The similarity of pattern of the various samples 
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used also suggested that the different batches of AHF, had approximately similar properties (such as 
moisture content and water of crystallization).  
Figure 5.13 shows a curve for one of the TGA runs. The heat flow curve was more indicative of the 
region of loss of water of crystallization than the weight %. Loss of water of crystallisation was 
observed to start at about 130 oC up to a maximum of 227 oC.  
 
Figure 5.13: Thermogravimetric analysis (TGA) of synthesized AHF. Using F:Al ratio of 1.55. Initial mass 
of sample = 18.3 mg. Red line = heat flow 
 
Five other sets of TGA were run to compare results. Three batches of samples produced using the 
standard procedure detailed in section 5.3, were used. These were labelled samples, 3, 12 and a 
mixture of samples from different batches. Table 5.8 summarises the results and calculations. Using 
the earlier calculated purity of 92 %, the molar ratio of H2O to AlF2(OH) for all the tests averaged at 
1.43.  
The onset of the loss of water of crystallization was usually observed by an initial increase in the heat 
flow. This is thought to be used to break the chemical bond of the bound water. This mostly 
corresponded with a complimentary peak in the derivative weight, signifying rapid weight loss. This 
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was usually followed by a decline in the heat flow till a negative peak. This decline could be due to 
a reduction in heat supplied to compensate for the heat released as the bound water is removed. Note 
that loss of bound water is usually an exothermic reaction. Hence, the system responds by negative 
energy compensation. At the end of the loss of water of crystallization, there was also an observed 
decline in the derivative weight. This was indicative of a reduction in weight loss as most of the 
moisture has been removed and sample becomes anhydrous. Further weight loss can only be due to 
chemical reactions that give off gas or sublimation. This has been suggested by previous researchers 
including Lisbona (2009). 
Table 5.8: Summary of results/calculations for water of crystallisation. 
AHF 
samples  
Run Initial mass 
of sample 
(mg) 
Water of 
crystallization 
(mg) 
Anhydrous 
AHF (moles) 
Water of 
crystallization 
(moles) 
AHF/H2O 
3 1 18.3 3.3 0.22 0.18 1.38 
3 2 15.1 2.6 0.18 0.15 1.40 
12 3 8.9 1.3 0.11 0.07 1.68 
mixture 4 10.2 1.8 0.12 0.10 1.40 
mixture 5 9.1 1.6 0.11 0.09 1.37 
mixture 6 9.8 1.8 0.12 0.10 1.36 
 Average 1.43 
 
The average AHF/H2O ratio has been calculated to be 1.43. This was comparable to the 1.40 
previously reported by Lisbona and Steel (2008). In the light of the results obtained (while still 
working out the error margin), my preliminary conclusion will be that the AHF samples synthesised, 
contains ~1 water of crystallization per mole. Hence the mostly used formula AlF2(OH).H2O, may 
not be far from the actual. 
The results from this study was found to be close to the result from a previous study, reported to be 
1.4  (Lisbona, 2009). Therefore it is likely there is only 1 (one) water of crystallization per mole of 
AHF (i.e. AlF2(OH). H2O). 
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 Physical characterization 
 Density measurement 
Density measurement of the synthesized AHF was conducted according to the method described in 
section 4.5 using a helium pyncnometer. The instrument was also capable of measuring the porosity 
of the powdered sample. The same sample was analysed in 10 runs to determine the consistency of 
the measurements.  The obtained result is shown in Figure 5.14. An average was taken as 
representative of the total measurements. The standard deviation on the density measurements gave 
an estimate of the error, while the coefficient of variance was used as the error on the porosity 
measurement. Porosity was measured as the volume percent of solid per total volume.  
 
 
Figure 5.14: Density measurement of a typical AHF. 
 
Density was obtained as 2.3113 ± 0.027 g/cm3, while porosity was obtained as 59.7 ± 1 %.  The 
obtained density value suggested that AHF particles are denser than its solution. Which implies that 
gravity could be used for recoveries of suspended particles. The high (~ 60 %) porosity suggested 
that the particles may be of similar sizes. A lower porosity would suggest the opposite, due to 
compacting of the smaller particles in the void spaces of the larger particle. Crystal sizing technique. 
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 Particle size Distribution measurement. 
For the measurement of the particle size distribution of aluminium hydroxyfluoride hydrate, solid and 
slurry samples were analysed. The four types of samples analysed were; 
1. AHF slurry 
2. AHF solid (dried un-sieved). 
3. AHF solid (dried and sieved). 
4. Sonicated AHF solid (dried un-sieved). 
Each of the sample types had their advantages and disadvantages. The slurry samples were dispersed 
in the mother liquor solution. Water was only added to obtain the right light obscuration when the 
‘crystal content’ was too high. Whereas the solid crystals were dispersed in de-ionised water only. 
The advantage of using the slurry sample was to avoid possible change of crystal properties upon 
drying. While the advantage of the solid sample was reduced interference of light rays by slurry 
moisture, as water was the only dispersant.  
AHF samples were produced by partial neutralization according to the standard procedure detailed in 
section 5.3. Part of the obtained slurry (crystallized AHF in mother liquor solution) underwent 
analysis.  Another part of the slurry was filtered with a filter paper. The obtained AHF solid was 
washed (with water) and dried. Part of this was the ‘dried un-sieved’ sample. The other part was 
sieved with a 45 µm sieve. The collected sample on the top of the sieve was used as the ‘dried and 
sieved’ sample. Yet another part of the solid sample was sonicated in 70 % ethanol in water solution 
for 1 hour. It was then dried by evaporation but without sieving. This sonicated sample was used as 
the ‘sonicated AHF solid’ sample. 
For slurry analysis, aliquots of the slurry were taken directly from the bulk liquid via a suction pipette 
at the ambient temperature. This was used to completely fill the 20 ml sample cell of the Malvern 
sample holder. Measurements were taken in triplicates. For solid analysis, about 2 mg of the solid 
was dispersed in water. As reproducible results were gotten, it showed that the solids were well 
dispersed and there was no need to apply any dispersant. 
Figure 5.15a shows the size distribution for AHF slurry sample. The volume median size was 38.39 
± 2.5 µm. Figure 5.15b shows the size distribution for the un-sieved AHF solids. The volume median 
size was 191.86 ± 2.5 µm. Figure 5.15c shows the size distribution for the sieved AHF sample. The 
volume median size is 190.62 ± 2.5 µm. Figure 5.15d shows the size distribution of the sonicated 
solid sample with a volume median size of 183 ± 2.5 µm. 
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The particle size distribution result presented in Figure 5.15 are for single runs but were typical, from 
the observation in later runs. The volume median size of the slurry particles was usually about 30 µm 
and the size distribution always approximated a normal distribution as shown on Figure 5.15a. The 
size distribution of the  ‘un-sieved solid’ sample was usually irregular but with a higher percentage 
of the larger crystals as shown on Figure 5.15b. This suggested aggregation of the smaller particles 
to form the larger particles. 
 
 
 
 
 
Figure 5.15: Particle size distribution of aluminium hydroxyfluoride hydrate. a) Slurry sample, b) Un-
sieved solid sample, c) Sieved solid  sample d) Sonicated solid sample. 
 
To obtain a more uniform size distribution, sieving was applied (Figure 5.15c). This yielded a size 
distibution closer to a normal distribution with a much higher volume median size when compard to 
the slurry crystals. The aggregation of the dried particles was reduced by sonification (Figure 5.14d). 
This improved the size dispersion producing a region of fines and a region that approximated a normal 
distribution. The increases in the percentage of fines suggested the breakage of the particles.  
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From the observations made, the slurry sample was taken to be a better representative of the actual 
particle size distribution. It showed a more uniform bell shaped curve as expected of a normal size 
distribution and was preferred to the solid particles. It also had a comparatively narrower size 
distribution. The solid seeds had a wider span of distribution ranging from very fine < 30 µm particles 
to very large > 500 µm.  
It is important to note at this point that the as-produced particles meet the particle size specification 
targeted for the industrial integration as detailed in section 2.4. A particle size distribution of ≥ 45 ≤ 
90 (± 10 %) µm (similar to the size distribution of smelter grade AlF3) is considered favourable and 
could be easily achieved by sieving. However the strength of the aggregated particles would need to 
be validated. 
 Texture & Colour 
The AHF sample obtained was a whitish crystalline-powder. Figure 5.4a shows an image of the 
aluminium hydroxyfluoride hydrate as a powder while Figure 5.4c shows its scanning electron 
micrographs. This is consistent with previous studies (Dambournet et al., 2008a) and is the expected 
for this compound. The micrographs on Figure 4.1 b reveal the cubic structure suggested by Fourquet 
et al. (1988) in contrast to the spherical morphology suggested in the studies of Lisbona (2009). This 
disparity is possibly due to the increased purity of the samples in this study, using model solutions as 
opposed to the industrial solutions used by Lisbona (2009), which is likely to contain more impurities. 
 Summary 
This chapter has presented an optimum route for synthesizing aluminium hydroxyfluoride hydrate 
from easily accessible and non-dangerous laboratory reagents. Aluminium hydroxide- Al(OH)3 and 
sodium fluoride powders were used as the sources of aluminium and fluoride respectively, while 
sulphuric acid- H2SO4 was used to digest these powders to enhance ionic mobility. Partial 
neutralization of the obtained solution using an appropriate base (NaOH), can be used to crystallise 
the stable aluminium hydroxyfluoride hydrate salt. The phase obtainable by this method is the 
pyrochlore type structure of aluminium hydroxyfluoride. 
Typical starting solutions should have F/Al molar ratios ~ 2 and pH between 1 and 2. Partial 
neutralization of such solutions up to pH 5.0 is optimum for high purity AHF synthesis. Above which 
co-precipitation of other sodium alumina-fluoro compounds like cryolite or chiolite is likely. The co-
precipitation of the sodium aluminofluoro compounds has been found to be due to the increase in the 
sodium concentration when neutralizing with caustic. This is unlike the earlier suggestion that was 
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due to pH from previous studies. Though co-precipitation of chiolite was observed in a prior study, 
this was not encountered in this study. Co-precipitation of amorphous gibbsite is also possible and 
was observed in this work.  
X-ray diffraction is a suitable and quick technique to identify the stable phase from this system. The 
alumnium hydroxyfluoride phase as well as impurities can be easily observed from their unique 
diffraction patterns. While it is easy to identify crystalline impurities like cryolite and chiolite, 
amorphous impurities like gibbsite are more difficult to identify. Their presence can however be 
observed by a raised background of the X-ray diffraction curve. A control experiment has shown that 
crystalline impurities as low as 5 wt. % can be detected, whereas amorphous impurities below 10 
wt% may not be easily be detected. 
The physical and chemical properties of the synthesized alumnium hydroxyfluoride hydrate from this 
study compared favourably with that from previous literature, even though different synthesis 
methods were used. Purities in excess of 90 % have been obtained in this study. The empirical formula 
has been calculated to be consistent with the general formula Al(F,OH)3. H2O.  The F/OH molar ratio 
conditions studied, gave an approximate molecular formular of AlF2OH.H2O can be used for 
calculation purposes.  
The as-obtained solid is a white crystalline powder which crystallizes as a hydrate but can exist as an 
anhydrous salt too. The hydrated form is stable up to 200 oC after which it loses its water of 
crystallization and exists as an anhydrous salt.  Temperatures up to 500 oC could lead to complete 
decomposition. The hydrated salt has a density of 2.5 ± 0.2 g/cm3 and crystallizes with a wide size 
distribution. Scanning electron micrographs show that the crystals are cubic platelets, which is a 
propagation of the unit structure.
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CHAPTER 6 
Solubility of Aluminium Hydroxyfluoride Hydrate 
6 Solubility of Aluminium Hydroxyfluoride Hydrate 
 Introduction 
This chapter explores the solubility of aluminium hydroxyfluoride hydrate at conditions likely for an 
industrial process. Solubility is a vital property in controlling a crystallization process and in 
designing crystallizers. Crystallization can only occur after the solubility limit of the solute in the 
solvent has been reached and exceeded. So it is important to know the solubility of the solute of 
interest in the solvent used. It has been said that the accuracy of crystallization kinetics measurement 
is dependent on the accuracy of the solubility data (Rashid, 2011). The solubility of a substance also 
determines the potential extent of its recovery. 
The solubility of sparingly soluble salts is said to be best defined by their solubility constant rather 
than their molar solubility (Butler, 1964). This is even more so for ionic solutes dissolved in aqueous 
solvent whose solubility is greatly influenced by the chemical potentials in the solution. These 
influences include variables such as pH, ion-ion interaction and ionic strength. Synthesis of 
aluminium hydroxyfluoride from spent pot lining leachates seems to be such a system. To model 
similar conditions, in this study AHF is dissolved in water and acidic solvents of similar ionic strength 
and conditions, to make inferences for a possible industrial system. 
The two major methods for obtaining high accuracy solubility measurement have been reviewed in 
section 3.3. For this study, the dissolution route was adopted, while pH was used as an indication of 
the system dynamics till equilibrium. Refractive index was also used as a comparison with the pH 
trends. Powdered samples of aluminium hydroxyfluoride hydrate, was equilibrated in pure water and 
the solution composition was followed until equilibrium. The concentration at equilibrium was used 
to calculate the solubility product constant. The optimum synthesis method, laid out in section 5.3 
was used to make bulk aluminium hydroxyfluoride hydrate samples, and was used for all the 
subsequent experiments. This was to ensure uniformity and eliminate possible variations from a 
batch-to-batch synthesis. 
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 Materials and Methods 
 Aluminium hydroxyfluoride hydrate bulk production 
Aluminium hydroxyfluoride (AHF) was produced in bulk according to the standard procedure 
described in section 5.3. All chemicals used were analytical reagent (AR) grade, and all reactions 
occurred at ambient (~ 25 oC) temperature except where stated otherwise. The synthesis product was 
confirmed to be of reasonable purity and was deemed appropriate for purpose before being used. Due 
to the bulk size, the crystals were separated from the mother liquor by centrifugation. The collected 
solid samples were washed in water at 80 oC to remove entrained mother liquor prior to drying in a 
desiccator. As caking could not be avoided as a result of the centrifugation step, the samples were 
ground to fine particles, with the aid of a mortar and pestle.  
The solid samples used, were identified by the powder X-ray diffraction (XRD) technique using a 
Bruker advance D8 X-ray diffractometer. Elemental analysis of the solids was conducted in-house 
using the alkali-fusion method, and following the procedure detailed in Chapter 4 for most of the 
runs. However for comparisons, confirmatory tests were done by a commercial laboratory-ALS 
Brisbane. The aluminium, fluoride and sodium contents of solids were determined by X-ray 
fluorescence (XRF) technique while sulphur was determined by infrared (IR) spectroscopy. 
 Solubility measurement 
Solubility studies in pure (reverse osmosis) water and acid solutions were conducted by adding excess 
of the dried aluminium hydroxyfluoride hydrate (AHF) in the appropriate (water or acid) solutions. 
The initial masses of aluminium hydroxyfluoride hydrate and acid as well as the acid concentrations 
used, are shown in Table 6.1. The amount of solid samples were varied according to the acid 
concentration to ensure excess. The mixture was stirred at 300 rpm in 250 ml Schott bottles 
maintained at a constant temperature in a water bath as shown on Figure 6.1. Test solutions were 
allowed to equilibrate for prolonged periods > 30days and the pH was used as an indication of whether 
equilibrium had been reached. 
After equilibrium was deemed to have been attained, a sample of the supernatant was taken via a 
filter syringe (fitted with a 0.22 µm pore size and 33mm outer diameter polyethelenesulfone (PES) 
filtering unit), for analysis. The filtered solutions were analysed for total, Al, Na, and S compositions. 
The final mixture pH (at the end of the equilibrating time) was used to calculate the OH concentration, 
while the principle of electro-neutrality was applied to estimate the F in solution, given all the other 
composition concentrations.  
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Table 6.1: Initial masses used for solubility test. 
Acid 
conc. 
(molal) 
Sample 
Label 
H2SO4 (g) 
AHF 
(g) 
2 
2A 100 4.20 
2B 100 4.20 
2C 200 5.00 
4 
4A 100 8.56 
4B 100 8.56 
4C 100 8.56 
6 
6A 100 12.92 
6B 100 12.92 
6C 100 12.92 
8 
8A 100 17.28 
8B 100 17.28 
8C 100 17.28 
10 
10A 100 21.64 
10B 100 21.64 
10C 100 21.64 
 
For solubility measurements in acid, AHF was dissolved in nominal acid concentrations of, 2, 4, 6, 8 
and 10 wt% H2SO4 respectively. This resulted to different starting and final solution pH’s. Each 
nominal acid concentration was prepared in triplicates, to reduce errors. pH was again used to 
ascertain equilibrium. This was taken as the point of constant pH within the first decimal place of the 
measured value for up to 24 hrs. pH of one of each acid concentration solutions was followed and 
taken to be representative of the triplicate. However the pH of each sample (aliquot) taken for analysis 
was measured, recorded and used in the subsequent individual calculations of charge balance, 
solubility product and solubilities. 
The refractive index of one of the samples (2C) was measured at intervals as a check for the pH 
measurements. Sample 2C had 5 g of AHF dissolved in 200 g of 2 wt % H2SO4. This along with other 
samples was maintained at 30 oC in a water bath, while stirring at 300 rpm. To withdraw (0.5 ml) 
aliquots for RI measurements, stirring was stopped for 2 hrs (sufficient for particles settling), then a 
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filter syringe (0.22 µm porosity) was used to filter the clear solution prior to putting on the 
refractometer for measurement.  
 
Figure 6.1: Set-up for solubility measurement. 
 
 Solution elemental analysis 
Total, Al, Na, and S in solution were obtained by the inductively coupled plasma atomic emission 
spectroscopy ICP-AES technique. Fluoride in solution was determined by the fluoride determination 
method detailed in Chapter 4. An alternative approached estimated the fluoride content by charge 
balancing using PhreeqC (version 3.1.2) speciation software. This was done by inserting all the 
measured concentrations and pH, then compensating the charge difference by adjusting the fluoride 
concentration, until a neutral charge balance was attained. 65% of the excess charge was taken as 
flouride, while the excess was taken as unaccounted charges arising from impurities within the 
system, and possible analytical errors. 
 Thermodynamic calculations 
The obtained total concentrations were used to estimate the solution ionic strength and the free ion 
activities. PHREEQC (version 3.1.2) was used for charge balancing and for calculating the solution 
ionic strength and ionic activities. Solution ionic strength was calculated according to Equation 6.1, 
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while ionic activity coefficients were estimated using the specific ion interaction theory (SIT), 
Equation 6.2. The solution ionic strengths were within the range suitable to use these equations.  
I = 
1
2
∑ 𝑚. 𝑍𝑖
2
𝑖   (6.1) 
 
𝐿𝑜𝑔  =  
𝑍𝐼
2𝐴√𝐼𝑚
𝐼+𝐵√𝐼
+ ∑ ℇ(𝑖, 𝑘)𝑚𝑘𝐾   
(6.2) 
 
Where I = Ionic strength, m = molal concentrations, Z = valency,  = activity coefficient.  
𝐴𝑑 = Limiting Debye-Huckel parameter (0.509𝑘𝑔
1
2𝑚𝑜𝑙−
1
2). 
B = Empirical constant (1.5 𝑘𝑔
1
2𝑚𝑜𝑙−
1
2) 
𝑚𝑘 = Molarity of the ion ‘k’ 
ℇ(𝑖, 𝑘) = Aqueous species interaction coefficient, which describes the specific short-range 
interactions between the aqueous species ‘I’ and ‘k’. 
The resulting free ion activities were used to calculate the solubility constant (Ksp) of AHF using 
Equation 6.4. This was defined according to the dissociation equation of AHF into its basic ions 
(Equation 6.3). The activities are the effective concentrations obtained my multiplying the 
concentrations with the estimated activity coefficient for the individual ions (Equation 6.5). 
AlF2OH    Al3+ + 2F- + OH-  (6.3) 
 
    Ksp = { Al
3+}{ F-}2 { OH-}  (6.4) 
 
Ksp = [ Al
3+][ F-]2 [ OH- ] Al3+ F- OH-   (6.5) 
 
Where curly brackets {} indicates the molal activity of the ionic species in solution, square brackets 
[] the concentration and  the activity coefficient (to account for the effect of ionic strength).  
For easier data handling the logarithms of the activities were used instead of the activities. Hence log 
Ksp was obtained as Equation (6.6). 
Log Ksp = log {Al
3+}+ 2 log {F-} + log {OH-}  (6.6) 
 
The obtained Ksps at 30 and 50 and 70
oC were used to estimate the enthalpy and entropy of dissolution 
(∆H and ∆S) via a Van’t Hoff plot. Equation 6.7 (Van’t Hoff) relates the Ksp at different temperatures 
with ∆H. 
dlnKsp
dT
= 
∆H
RT2
    (6.7) 
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The definite integral between temperatures T1 and T2 is derived as Equation 6.8. 
 
ln (
Ksp2
Ksp1
) = 
-∆H
R
 (
1
T2
-
1
T1
)     (6.8) 
 
From the definition of Gibbs free energy as equation 6.9. 
 
∆G= ∆H - T∆S      (6.9) 
 
And from the Gibbs free isotherm equation 6.10 
 
∆G= -RTln Ksp      (6.10) 
 
A combined equation 6.11 can be obtained which relates Ksp and the absolute temperature. 
 
ln Ksp= 
-∆H
RT
+ (
∆S
R
)      (6.11) 
 
Hence plotting ln Ksp versus 1/T yields a linear graph with slope = (-∆H/R) and intercept = (∆S/R) 
Where R    =  Ideal gas constant (8.314 J/mol.K), 
T    =  Absolute temperature (K), 
∆H =  Enthalpy of dissolution (J), 
∆S = Entropy of dissolution (J/K).Results. 
 
 Results 
 Solid analysis 
Figure 6.2 shows the X-ray diffraction pattern of the powder aluminium hydroxyfluoride hydrate 
sample used for the solubility studies. The clear background and absence of any minor peaks suggests 
a purity of over 95 %. This was supported by the Rietveld refinement which showed a minimal 
difference curve. The pattern matched satisfactorily with that of the standard reference for aluminium 
hydroxyfluoride hydrate, in the database of the international centre of diffraction data ICDD.  The 
standard reference gives the general formular as Al2[(OH)1-x. Fx]6.H2O with x~0.5, and then suggests 
an approximate empirical formular of AlF1.5OH1.5.H2O (Fourquet et al., 1988).  
The elemental analysis on Table 6.2 indicated some amounts of sodium (Na) and sulfur (S). This 
could be from a possible co-precipitation of sodium sulphate (Na2SO4), cryolite (Na3AlF6), or a carry 
on from the mother liquor, but given that Na2SO4 and Na3AlF6 are crystalline, very little amounts (~5 
wt. %) of crystalline material are expected to show up on the XRD pattern. It infers that these 
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compounds if at all present must be in trace amounts, below the detection limits of the X-ray 
instrument whose lower detection limit is given as ~1%  (Bruker, 2012).  
It is thought that the water soluble impurities can only be present as inclusions in the AHF crystal 
lattice. Rigorous washing in sufficient warm (80 oC) water, was applied to the product prior to drying. 
This should have removed all the un-bound soluble sulphates, given their high solubility.  The mother 
liquor being mostly sulphuric acid is also very soluble in water. Despite the known reduced solubility 
of sodium sulphate above about 34 oC, its solubility is still high (> 30g/100g water) up to 100 oC. It 
is almost impossible that it will exist as an unbound impurity in the AHF bulk.  
 
Figure 6.2: XRD of AHF matching standard reference for AlF1.5OH1.5.H2O. 
 
On the other hand, the high error margin on the elemental analysis measurements, therefore suggest 
that the compositions are most likely exaggerated, and are thereby taken as indicative. Attempts to 
completely eliminate these impurities were unsuccessful at the time of this work.  Most importantly 
as solubility constant is the measure of choice, it is not affected by trace impurities in the system. 
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 Solubility lag time 
The long dissolution time for aluminium hydroxyfluoride hydrate was first observed. A preliminary 
study was done by adding varying proportions of AHF to different solutions of 0.01 molal sulphuric 
acid. The initial aim was to use these known concentrations to calibrate a refractometer. The initial 
pH of the acid solution was 1.063. Table 6.3 shows the masses of the solute and solvents used. 
 
Table 6.3: Preliminary AHF solubility test. 
Runs Mass of acid 
solution (g) 
pH of 
mixture 
Mass of 
HAHF (g) 
Refractive 
index 
1 50.02 1.183 0.051 1.33371 
2 50.01 1.195 0.106 1.33528 
3 50.01 1.232 0.503 1.33488 
4 50.02 1.256 1.002 1.33498 
5 50.03 1.314 1.502 1.33544 
 
It was observed that the milky solutions of the lower concentrations of AHF turned colourless after 
between 3 and 4 days of stirring. This signified that it took up to 4 days for the solute to dissolve. The 
change of colour occurred almost in sequence. Sample 1 with the least AHF concentration turned 
clear on the 3rd day. Sample 2 and 3 turned clear on the 4th day while sample 4 subsequently turned 
clear by the 10th day. Sample 5 remained milky throughout the period of observation (60 days). 
 Equilibrating time 
The pH profiles were used to observe the changes occurring in solution as AHF dissolved. Figure 6.3 
shows the pH profile of dissolution at 25 oC and 70 oC. As the solution was dissolving at 25 oC, the 
pH of the solution generally increased until equilibrium at about 70 days (Figure 6.3a 
Table 6.2: Component analysis of synthesis product. 
 ME-GRA05 ME-XRF24 ME-XRF24 ME-XRF24 S-IR08 
Sample LOI F Al Na S 
DESC. ±2 wt. % ±5% wt. ±5 wt.% ±5 wt. % ±10 wt. % 
AHF -1 50.27 20.7 25.1 3.09 3.88 
AHF-2 50.08 20.2 25 3.05 3.82 
AHF-3 49.81 20.7 25.3 3.01 3.9 
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Figure 6.3: Solution pH profile for aluminium hydroxyfluoride hydrate solution. a) At 25 oC pH increases 
due to dissolution, b) at 70 oC pH decreases due to precipitation. 
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The opposite effect was observed when the same solution was ramped to higher temperatures. The 
solution saturated at 25 oC was ramped to 70 oC over time. This led to a general decrease of the 
solution pH over time till equilibrium was attained (Figure 6.3b). This was later found to be due to 
the solubility decreasing with increasing temperatures.  
From Figure 6.3, it can be observed that AHF had an unexpected long lag time to equilibrium. Figure 
6.3a shows that equilibrium was attained after about 80 days. In Figure 6.3b however, equilibrium 
was attained at a much faster period of about 10 days. This was observed to be a function of 
precipitation rather than dissolution as the solutes salted-out of the previously supersaturated solution 
to attain equilibrium. 
 Molar solubility  
Table 6.4 shows the molar concentration of Al and F dissolved in pure (reverse) osmosis water, which 
was used to estimate the molar solubility of the AHF.  The solubility was in the order of 10-2 g/L 
magnitude, making AHF technically insoluble in water. At such low solubilities, the compositional 
analysis is likely to involve great errors. Due to the low concentration, the pH of the solution was 
almost unchanged. The pH of the reverse osmosis water used was measured to be ~6.0, due to slight 
acidic impurities such as dissolved CO2. The F/Al ratio of the solution was less than the expected 
~2.0. This is possibly due to measurement errors, especially with the fluoride measurement which 
required several dilutions and mixtures. Hence AHF molar solubility was estimated from the Al 
measurements, assuming that all Al in solution came from dissolved AlF2OH.H2O. 
 
Table 6.4: Experimental AHF solubility in reverse osmosis water at 25 oC. 
Sample Measured Al F calc. F/Al AHF 
 pH mg/L mg/L molar ratio g/kg 
1A 5.8 8.58 10.55 1.2 
3.2 × 10-2 
1B 5.8 8.42 10.01 1.2 
3.1 × 10-2 
1C 6.0 8.26 10.52 1.3 
3.1 × 10-2 
2A 5.8 8.58 10.55 1.2 
3.2 × 10-2 
2B 5.8 8.42 10.01 1.2 
3.1 × 10-2 
3C 6.0 8.26 10.52 1.3 
3.1 × 10-2 
 
Table 6.5 - 6.7 shows the molar solubilities of AHF in acidic solutions, corresponding to varying pHs 
at 30, 50 and 70 oC and using equilibrating times of 90, 30 and 26 days, respectively. The trend is 
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better observed in Figure 6.4a. From the experimental results of Table 6.5 – 6.7, the F/Al molar ratio 
in solution varied slightly across the different samples of similar initial acid concentration and across 
temperatures. An averaged F/Al molar value of 1.8 ± 2 was obtained across all measurements. This 
was consistent with that of the dissolving solid within 0.5 of the measured molar concentration values.  
 
 Table 6.5: Molar solubilities of aluminium hydroxyfluoride hydrate, dissolved in acidic solutions 
at 30 oC. 
 Experimental measurements Charge balance 
calculations 
Sample Al Na S  F F/Al F F/Al 
No. mg/L mg/L mg/L pH mg/L Molar ratio mg/L Molar ratio 
2A 7408 1819 8348 3.02 9669 1.9 10407 2.00 
2B 6984 1648 7972 3.02 7825 1.6 9768 1.99 
2C 7152 1332 7352 3.00 9022 1.8 9889 1.96 
 
4A 14312 2532 15936 2.77 19143 1.9 19637 1.95 
4B 13896 2534 15424 2.75 15611 1.6 19118 1.96 
4C 13224 2296 14420 2.88 18349 2.0 18117 1.95 
 
6A 22152 3348 24624 2.59 23129 1.5 30146 1.93 
6B 21800 3318 23980 2.61 22952 1.5 29689 1.94 
6C 20416 3148 22092 2.64 29701 2.1 27849 1.94 
 
8A 31300 4144 34048 2.42 42099 1.9 42435 1.93 
8B 29156 3878 31636 2.44 41776 2.0 39532 1.93 
8C 26564 3502 29228 2.51 32657 1.7 35926 1.92 
 
10A 37336 4790 41040 2.34 42576 1.6 50561 1.92 
10B 38016 4664 41280 2.30 49660 1.9 51450 1.92 
10C 40720 5308 44480 2.24 59963 2.1 55316 1.93 
 
 Avg. 1.80 Avg. 1.94 
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A second free fluoride concentration was determined using charge balancing with PhreeqC speciation 
programme, according to the method described in section 6.2.3. The fluoride concentration 
determined by charge balancing was compared with the experimentally derived values. They were 
also consistent within 0.5 of the measured values, but deviated more at higher temperatures. This 
deviation is possibly due to inconsistencies in the speciation calculations. 
 Table 6.6: Molar solubilities of aluminium hydroxyfluoride hydrate, dissolved in acidic solutions at 50 
oC. 
 Experimental measurements Charge balance 
calculations. 
Sample Al Na S  F F/Al F F/Al 
No. mg/L mg/L mg/L pH (mg/L) Molar ratio mg/L molar 
ratio 
2A 7402 8048 1815 2.77 9105 1.7 10465 2.01 
2B 7272 7904 1747 2.71 8649 1.7 10275 2.01 
2C 7262 7127 1299 2.50 10010 2.0 10142 1.98 
 
4A 14170 15456 2730 2.49 18527 1.9 19698 1.98 
4B 13795 15169 2656 2.44 18527 1.9 19192 1.98 
4C 13096 14164 2474 2.50 17809 1.9 18192 1.97 
 
6A 21553 23358 3792 2.36 27987 1.8 29813 1.97 
6B 21520 23426 3748 2.28 27117 1.8 29813 1.97 
6C 19788 21588 3410 2.30 26378 1.9 27380 1.97 
 
8A 29915 32882 4866 2.20 37153 1.8 41249 1.96 
8B 27980 30566 4524 2.14 36141 1.8 38656 1.96 
8C 25159 27458 4062 2.18 35156 2.0 34741 1.96 
 
10A 37098 40190 5734 2.10 46614 1.8 51129 1.96 
10B 35911 39145 5606 2.00 42400 1.7 49659 1.97 
10C 40432 44452 6246 1.97 52683 1.9 55859 1.96 
 
 Avg. 1.84 Avg. 1.97 
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Generally the result had a similar trend across all the conditions tested. At constant temperature, 
solubility increased as the pH decreased and increased with increasing temperature. Figure 6.4b 
shows a linear trend of AHF solubility with acid (S from SO4
2-) concentration. This confirms that the 
increased solubility of AHF is directly proportional to the acid concentration, eliminating the 
possibility of secondary influences like ion-ion interaction, ionic strength etc. 
Table 6.7: Molar solubilities of aluminium hydroxyfluoride hydrate, dissolved in acidic solutions at 
70 oC. 
 Experimental measurements Charge balance 
calculations 
Sample Al Na S  F F/Al F F/Al 
No. mg/L mg/L mg/L pH (mg/L) Molar ratio mg/L molar ratio 
2A 5499 2070 8104 2.55 7196 1.9 8039 2.08 
2B 5352 2000 6874 2.63 7196 1.9 7882 2.09 
2C 5549 1477 7136 2.63 8608 2.2 7851 2.01 
  
4A 11050 3240 14692 2.42 14518 1.9 15783 2.03 
4B 10918 3222 13825 2.45 14632 1.9 15647 2.04 
4C 10032 2843 13226 2.46 14128 2.0 14277 2.02 
  
6A 16888 4492 23572 2.28 20854 1.8 23836 2.01 
6B 16423 4258 21540 2.29 19748 1.7 23230 2.01 
6C 15869 4147 20832 2.31 19292 1.7 22452 2.01 
  
8A 22892 5574 30408 1.89 29911 1.9 32579 2.02 
8B 23488 5612 31418 2.05 27031 1.6 33123 2.00 
8C 20594 4944 27999 2.09 27670 1.9 29010 2.00 
  
10A 28231 6735 38176 1.93 36943 1.9 39915 2.01 
10B 28209 6586 37479 1.94 35810 1.8 39829 2.01 
10C 31800 7376 44292 1.91 40720 1.8 44744 2.00 
  
 Avg. 1.85 Avg. 2.02 
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As the solutions were not purged of the surrounding air, they had some entrapped air in them. There 
was a possibility of significant influences from atmospheric components like carbon dioxide (CO2), 
or dust impurities. The low pH’s (< 3) of these experiments could also be part of the reason for 
reduced environmental influences. At such low pH’s, the effect of atmospheric CO2 on solution pH 
is expected to be minimal (Doney et al., 2009). The observation of Figure 6.6 narrows down the key 
influences of AHF solubility to solution acidity (pH) and temperature only. 
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Figure 6.4: AHF solubility trend at 30, 50 and 70 oC; a) With pH, b) with increasing total S (from 
SO4
2-). 
 
 Solubility product constant estimation 
Having obtained the total molar concentrations of the solution components and the pHs at equilibrium 
(Table 6.5 – 6.7), speciation modelling using visual Minteq and PhreeqC was used to calculate the 
ionic activities and solution ionic strength. Solubility product constant was calculated according to 
Equation 6.4. Given the empirical formular of AHF obtained from Chapter 5 (section 5.6) and the 
approximated molar solubilities (using experimental F) an F/Al = 2 was used in the solubility product 
constant calculation. Tables 6.8, 6.9 and 6.10 contain the result for solutions at 30, 50 and 70 oC 
respectively. 
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Table 6.8: Solution speciation and solubility constant estimation at 
30 oC. 
Sample Al3+ F- OH- pKsp I 
 log A log A log A  M 
2A 
-4.530 -4.444 -10.983 -24.40 0.39 
2B 
-4.542 -4.449 -10.983 -24.42 0.37 
2C 
-4.521 -4.453 -11.003 -24.43 0.36 
 
4A 
-4.389 -4.390 -11.235 -24.40 0.74 
4B 
-4.395 -4.392 -11.255 -24.43 0.72 
4C 
-4.403 -4.397 -11.125 -24.32 0.68 
 
6A 
-4.296 -4.354 -11.418 -24.42 1.13 
6B 
-4.298 -4.356 -11.398 -24.41 1.11 
6C 
-4.310 -4.361 -11.367 -24.40 1.03 
 
8A 
-4.216 -4.327 -11.591 -24.46 1.56 
8B 
-4.232 -4.333 -11.570 -24.47 1.45 
8C 
-4.254 -4.340 -11.499 -24.43 1.33 
 
10A 
-4.177 -4.314 -11.673 -24.48 1.87 
10B 
-4.171 -4.313 -11.713 -24.51 1.88 
10C 
-4.156 -4.307 -11.774 -24.54 2.02 
 
Average pKsp -24.44 
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Table 6.9: Solution speciation and solubility constant estimation at 
50 oC. 
Sample Al3+ F- OH- pKsp I 
 log A log A log A  M 
2A 
-4.524 -4.446 -11.233 -24.65 0.39 
2B 
-4.527 -4.448 -11.293 -24.72 0.38 
2C 
-4.509 -4.455 -11.503 -24.92 0.35 
  
4A 
-4.387 -4.392 -11.515 -24.69 0.72 
4B 
-4.393 -4.394 -11.565 -24.75 0.70 
4C 
-4.402 -4.399 -11.505 -24.71 0.66 
  
6A 
-4.298 -4.357 -11.648 -24.66 1.09 
6B 
-4.297 -4.358 -11.728 -24.74 1.08 
6C 
-4.315 -4.365 -11.707 -24.75 0.99 
  
8A 
-4.226 -4.331 -11.811 -24.70 1.50 
8B 
-4.239 -4.337 -11.87 -24.78 1.39 
8C 
-4.262 -4.346 -11.829 -24.78 1.25 
  
10A 
-4.175 -4.315 -11.913 -24.72 1.84 
10B 
-4.181 -4.319 -12.013 -24.83 1.77 
10C 
-4.154 -4.309 -12.044 -24.82 1.99 
      
Average pKsp -24.75 
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Table 6.10: Solution speciation and solubility constant estimation at 
70 oC. 
Sample Al3+ F- OH- pKsp I 
 log A log A log A  M 
2A 
-4.627 -4.456 -11.453 -24.99 0.34 
2B 
-4.618 -4.464 -11.372 -24.92 0.31 
2C 
-4.602 -4.464 -11.372 -24.90 0.31 
 
4A 
-4.467 -4.402 -11.585 -24.86 0.64 
4B 
-4.465 -4.405 -11.554 -24.83 0.62 
4C 
-4.485 -4.411 -11.544 -24.85 0.57 
  
6A 
-4.382 -4.365 -11.727 -24.84 0.98 
6B 
-4.381 -4.371 -11.717 -24.84 0.92 
6C 
-4.388 -4.373 -11.696 -24.83 0.89 
  
8A 
-4.302 -4.346 -12.119 -25.11 1.25 
8B 
-4.302 -4.342 -11.959 -24.95 1.31 
8C 
-4.332 -4.352 -11.918 -24.95 1.15 
  
10A 
-4.26 -4.328 -12.081 -25.00 1.56 
10B 
-4.258 -4.329 -12.071 -24.99 1.55 
10C 
-4.236 -4.318 -12.103 -24.98 1.78 
 
Average pKsp -24.92 
 
 
Figure 6.5 shows the estimated solubility product constant as a function of ionic strength extrapolated 
to infinite dilution (zero ionic strength). The results suggest that the pKsp value of AlF2OH.H2O at 
standard state is 24.35  0.04, 24.66  0.05 and 24.85  0.06 at 30, 50 and 70C, respectively. In 
doing this calculation, two data points were out of range and considered to be outliers, hence were 
omitted. These points were from sample 2C in the 50 °C set and Sample 8A in the 70 °C set. 
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Figure 6.5: Estimated solubility product constant Ksp extrapolated to zero ionic strength.  
 Thermodynamic properties 
Figure 6.6 shows the Van’t Hoff plot from the averaged Ksp data from Tables 6.8 - 6.10 as ln Ksp 
against the reciprocal of temperature. There is a clear trend of Ksp decreasing with increasing 
temperature. From the Van’t Hoff Equation 6.11, the slope of the plot is -∆HR/R and the intercept is 
∆S/R. Therefore the enthalpy of the dissolution reaction (∆HR) was obtained to be -24.97  2.9 kJ/mol, 
while the change in entropy (∆S) was obtained to be -549  9 J/K.  
Using the experimentally derived Ksp and ∆HR, the solubility constant at standard atmospheric 
condition (Ksp
0.0), i.e. 25 oC temperature and 1 atm. pressure was estimated. This was necessary for 
consistency with the commonly reported Ksps in literature (Parkhurst and Appelo, 2013). This was 
done in the PhreeqC, by extrapolating the experimental condition to standard conditions assuming a 
linear dependence of Ksp on temperature. 
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Figure 6.6: Van’t Hoff plot of AHF solubility. 
The pKsp of AHF at 25 °C (standard conditions) was obtained as 24.28   0.2. Using this value, the 
solubility product constant at other temperatures could be predicted, while the measured values at 
(30, 50 and 70 oC) were corrected. Table 6.11 shows the corrected Ksp values. 
 
Table 6.11: Estimated ∆H, ∆S and Ksp’s of AHF. 
Delta H (KJ/mol) Delta S (J/K) 
-24.97 -548.54 
 
T (oC) log Ksp 
25 -24.3 
30 -24.4 
50 -24.6 
70 -24.8 
90 -25.1 
 
Figure 6.8 shows a plot of solubility product constant versus solution equilibrium pH. The Ksp 
increased with increasing pH signifying that AHF is less soluble as pH increases. This is opposite to 
Figure 6.5 where the ksp decreased with increasing ionic strength. The two sets of data compared 
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acceptably are can be said to be similar within ± 0.1 of the corrected values at 30 and 50 oC, and 
within ± 0.2 at 70 oC data. From this observation an error of ± 0.2 was adopted. 
 
Figure 6.7: Dependence of Ksp on solution equilibrium pH 
The Van’t Hoff plot of the solubility product data (Figure 6.6) and the estimated enthalpy of 
dissolution (∆H) estimation (Table 6.11), show that AHF dissolution is an exothermic reversible 
reaction. From Le Chatelliers’ principle, for an AHF dissociation (dissolution) reaction (Equation 
6.3), reducing temperature favours the forward reaction which is dissolution, while increasing 
temperatures favours the backward reaction which is crystallization.  
Most literature Ksps are reported at 25 
oC, hence the log Ksp at 25 
oC of -24.3 (± 0.2) has been obtained. 
Also of great importance is the enthalpy of dissolution (∆H) estimation of -25.0  2.9 kJ/mol. 
Enthalpy of dissolution (∆H) accounts for the temperature variations of the solubility constant 
according to Equation 6.8.  
As has been identified in section 2.6, that two possible polymorphs of aluminium hydroxyfluoride 
hydrate has been found to date. The third is actually an AlF3 phase, but was given as an AHF 
polymorph (Dambournet et al., 2008a). Polymorphism defines the existence of a crystalline 
compound with different lattice structures and sometimes slightly different compositions. It has also 
been found that while the distinct synthesis of these phases is possible, usually they crystallize as a 
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mixture (Demourgues et al., 2002), hence the various empirical formulas that have been reported in 
section 2.6.3. It is well known that polymorphs sometimes have different chemical and physical 
properties; therefore it is likely that the properties of the different phases of AHF would vary too. 
Lisbona (2009) had adopted the crystallization route in determining this compound’s solubility. In 
this method, aluminium hydroxyfluoride hydrate was crystallized from spent pot lining leachates at 
various temperatures by partial neutralization with caustic to target pHs. At equilibrium, aliquots of 
the solution were taken for analysis, and aluminium hydroxyfluoride hydrate solubility was calculated 
as Equation 6.13.  
− log(𝑎𝐴𝑙3+) =  − log 𝐾𝐴𝑙𝐹2(𝑂𝐻)(𝑠) + log 𝐾𝐴𝑙𝐹2+ − (− log(𝑎𝐹−
2 . 𝑎𝑂𝐻−))  (6.12) 
 
Though this definition of solubility constant was not very clear, the estimated solubility constant 
product Ksp at 30, 50, 70 and 90 
oC was -15.7, -23.8, -25.7 and -22.2 respectively. The estimations at 
50 and 70 oC are much closer to that obtained in this study as -24.6 and -24.9 respectively. The value 
at 30oC is quite low and inconsistent with the others and is likely to be in error.  An alternative 
calculation of the same data using a similar equation as Equation 6.3, determined an average solubility 
constant product over the range of temperatures (30 – 90 oC) as 23.5 ± 0.2 (Ntuk et al., 2013). This is 
much closer to the value obtained from this study at 25 oC (Table 6.7). 
An earlier study of aluminium hydroxyfluoride hydrate solubility dissolved in water and using a 
potentiometric method with the aid of a fluoride electrode had reported its solubility at 25 and 70° 
(Katorina et al., 1980).  At 25 °C, the solubility was reported as (1.88 ± 0.08) × 10-3 g/L and the log 
Ksp was -13.6 (± 0.06); at 70 °C, the values were (4.08 ± 0.16) × 10
-3 g/L and log Ksp was  -12.6 (± 
0.05), respectively. The defining equation for these calculations was equation 6.14. 
 
𝐴𝑙𝐹2(𝑂𝐻)  ↔  𝐴𝑙𝑂𝐻
2+ + 2𝐹−  (6.13) 
Several factors make it difficult to make comparisons of the solubility product values obtained from 
this study with that of the highlighted previous literature. The purities of the samples used in these 
prior studies were not mentioned. Also the particular phase of aluminium hydroxyfluoride hydrate 
used for the measurements were not established in some of them. Most important are the different 
defining equations used. The solution used is also of great importance in the magnitude of solubility 
possible. Even when similar solutions are used, their ionic strength and types of impurities could also 
have great influence. These conditions differed between previous literature and the current study. 
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 Analysis of equilibrium 
Figure 6.8 shows the results obtained by comparing fluctuations in molar solubilities with solubility 
constant. At 30 oC comparison were made between 14 and 90 days equilibrating time while at 70 oC, 
comparisons were made between 12 and 26 days (Figure 6.9). 
 
 
Figure 6.8: Comparison of Ksp and molar solubility between 14 and 90 days at 30 
oC. a) Molar 
solubility, b) solubility product constant. 
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From Figure 6.3, it was apparent that the pH drift gave information on the changes in the solution. 
However, it was necessary to ascertain if pH changes alone was adequate to make inferences on the 
dynamics of dissolution in the system. Hence solution composition was analysed at intervals and 
changes observed. 
 
 
 
Figure 6.9: Comparison of Ksp and molar solubility between 12 and 70 days at 70 
oC. a) Molar 
solubility, b) solubility product constant. 
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It was observed that although the molar solubilities changed considerably over time, the estimated 
solubility constant was unchanged, within the limits of experimental error. And this occurred across 
different temperatures. It can be said that AHF molar solubility is highly influenced by pH but this 
does not change the solubility constant. At constant temperature, the solubility is dependent mainly 
on the pH.  At lower pHs, the concentration of Al and F in solution increased and reduced at higher 
pH’s. 
Therefore the solubility product constant defined by Ksp = {Al}.{F}
2.{OH} was unchanged, across 
varying  pH’s, Al and F concentrations. It implies that the system adjusts the molar concentration of 
Al and F as the pH’s (OH concentration) changes, hence the solubility product constant was 
unaffected. This goes to suggest that equilibrium must have been attained much earlier than suggested 
by the pH profiles. 
 
Dissolution Dynamics 
The results of the solubility experiments are being interpreted as 
 The system attains equilibrium after a short time (Ksp is constant). 
 But the molar concentrations fluctuate for a while more. 
That is, although the system is slowly drifting (exponentially) the basic dissolution kinetics are fast 
enough that the concentration is close to its equilibrium value. 
The example below looks at a simple model that explores these dynamics. 
At 25 oC the measured time constant of the dissolution drift as indicated by the pH Figure 6.3a is ~ 
18 ± 4 days, irrespective of the sulphuric acid content.  The time constant for the corresponding 
crystallization at 70 oC is 3.6 ± 0.6 days (Figure 6.3b). If the response is exponential the change will 
be 99 % complete after 4.6 time constants.   
 
Dissolution dynamics model 
Consider a system with an exponential drift with a time constant a i.e. the solubility C* varies as 
C*(t) = C*() – b*exp(-t/a)  
Where C*() is the final solubility (as pH) and C*() – b the initial.   
Assume the dissolution follows a first order rate expression dC/dt = k*[C*(t) – C(t)]  
Where C is the solution concentration (as pH) and k is the dissolution rate constant.   
For C*(t) held constant, the solution concentration C (t) would approach C*(t) exponentially with a 
time constant b = 1/k. 
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For an exponentially varying C*(t), dC/dt = k*[C*() – B*exp(-t/a) – C(t)].   This differential 
equation was solved numerically (using Euler’s method) for various values of b = 1/k.  Figure 6.10a 
shows the results for C*() = 3.5, B = 0.4, a = 18 days, C (0) = 3.0 and b = 2.0 days.  These values 
have been chosen to mirror the 2 wt. % acid pH plots. 
 
 
Figure 6.10: Simulation of AHF dissolution in acidic solutions. a) Simulated concentration vs. time 
plots.  The continuous line gives the drift of the system solubility and the dash line the following solution 
concentration, b) Simulation results for time to get within 1 % of the initial difference plotted against the 
dissolution time constant. Where C, C* is concentration & solubility respectively. 
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It can be seen that the solution concentration (dash line) only get close to the system solubility after 
40 days (within 1 % in 79 days), even though it would reach 1 % in 9 days if the system were not 
drifting. 
Figure 6.10b plots the time needed to reach within 1% of the initial difference between the solubility 
and the solution concentration for various values of b.  To reach 1% within 4.6 * 3.6 = 16.6 days, the 
result for the 70 oC crystallization, the time constant b would be about 0.12 days (= 3 h). 
From the foregoing, it is possible for the solution to get near equilibrium although the system is 
drifting, but the basic dissolution kinetics will have to be fast.  If this simple model is correct, the 
dissolution rate constant would have to be at least 1/3 h-1.  If the system solubility C* were maintained 
constant, the solution would be within 1 % of the change within 14 h. 
 Modelling of AHF solubility 
The solubility of AHF at varying temperatures and pH was modelled. This was done by inputting the 
obtained KspS into the speciation software PHREEQC version 3.1.2 and specifying temperature and 
pH conditions. The result for the solubility in pure water is shown in Figure 6.11 as a function of 
temperature.   
 
Figure 6.11: Modelled AHF solubility in pure water. 
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The solubilities are very low suggesting that AHF is practically insoluble in water.  The estimated 
pHs are also shown. The equilibrium pH of AHF solution in water reduces with increasing 
temperatures, and is separate from the effect of increased temperature on the ionic product of water. 
Generally AHF is acidic and reduces the neutral pH of pure water at the given temperatures. 
The predicted solubilities in sulphuric acid (lower pHs) are substantial (Figure 6.12 and 6.15). Figure 
6.12 shows the solubility at constant pH at corresponding temperatures. AHF solubility generally 
decreases with increasing temperature. This re-establishes the result on Figure 6.6 that AHF solubility 
is an exothermic reversible reaction. Keeping the pH constant makes it easy to separate the effect of 
temperature on water ionic constant (hence pH), from the actual effect of increasing temperatures on 
AHF solubility. Practically, maintaining a constant solution pH at increasing temperatures will 
involve the addition of acid/base as the case may be. Note that the solubility on Figure 6.12 is shown 
on a semi-log chart, the y-axis (solubility) is on a log scale while the x-axis (temperature) is on a 
linear scale. 
 
Figure 6.12: Solubility chart of AHF at constant pH. 
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Figures 6.13 presents the model of AHF solubility (in acidic solutions) on linear scales.  If horizontal 
lines are drawn through Figure 6.13, the uppermost row of points corresponds to a sulphuric acid 
molality of 2.0.  The subsequent lower rows correspond to acid molalities of 1.0, 0.5, 0.2, 0.1, 0.05, 
0.02, 0.01, 0.005, 0.002, 0.001, 0.0005, 0.0002, 0.0001 and 0.  Thus the lower-most row of points is 
the solubility in water (as in Figure 6.11).  Again in Figure 6.13, solubility shows an inverse 
temperature behaviour. The right outermost curve is for 25 oC, hence generally it can be said that an 
increase in temperature (at constant pH) results to a reduction in solubility.  
A comparison of modelled and experimental solubility of AHF in pure water at 25 oC is presented in 
Table A1.2 (Appendix). The results showed good agreement between simulated and measured values.   
 
Figure 6.13: Theoretical AHF solubility with at 30, 50 and 70 oC. Expon = exponential line of fit. 
The observed solubility characteristics have great implications for AHF purification and recovery. 
The opposite effect of decreased solubility of AHF at high temperatures as opposed to increased 
solubility of possible impurities Na3AlF6 and Na2SO4 as temperature increases, can be used to purify 
AHF and increased its yield. From these observations, it is beneficial to crystallize AHF at elevated 
temperatures (> 50 oC), for higher purity and increased yields. This point was previously suggested 
by Kaaber and Mollgaard (1996).  
0
40
80
120
160
200
0.0 1.0 2.0 3.0 4.0 5.0
A
H
F
 s
o
lu
b
il
it
y
 (
g
/k
g
 a
ci
d
 (
H
2
S
O
4
) 
so
l)
pH
25 C
30 C
50 C
70 C
90 C
Chapter 6 
154 
 
The application of the temperature effect on AHF solution at equilibrium is shown on Figure 6.14. 
Significant yield increases are most likely at the lower pH’s (≤ 4) and almost negligible at the higher 
pH’s (> 4). The implication of this is that, super-saturation by increasing temperature alone can only 
trigger minimal yields at the higher pH’s (> 4). However the yields could be significant at the lower 
pH’s (≤ 4). The most practical pH’s of AHF crystallization (from previous crystallization 
experiments) is between 3.5 and 5.0. For an equilibrium solution of AHF at pH 4.0, a temperature 
increase from 25 to 90 oC could lead to crystallization of 3.60g AHF/kg Solution. On the other hand, 
the same temperature gradient could yield 12.00 g AHF/kg solution for a saturated solution at pH 3.5. 
Therefore, temperature effect is most significant at the lower pHs. 
 
Figure 6.14: AHF solubility chart in g/kg 
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composition) with no agitation could enhance uniform nucleation and production of seeds with not 
too dispersed crystal size distribution. 
 Summary 
Solubility of AHF in water and model solutions was measured to get vital data appropriate for 
crystallizer design. For this (pH-dependent system), solubility product constant (Ksp) was found to be 
a more useful measurement than molar solubility. This is because molar solubilities change with pH 
but solubility constant does not. This chapter has presented the solubility constant, enthalpy and 
entropy change data for AHF solubility.  
Experimental measurements in model solutions determined log Ksp of AHF at 25 
oC as -24.3 ± 0.2 
(95% probable error).  AHF Ksp was found to vary with temperature. As this change was little, an 
average enthalpy of solution was effective in predicting the Ksp at temperatures below the solution 
boiling point. Enthalpy and entropy of dissolution was obtained as -25.0 ± 2.9 kJ/mol and -549 ± 9 
J/K respectively. With these values, the Ksp at other temperatures were estimated. The Ksp at 30, 50, 
70 and 90 oC were estimated as -24.4, -24.6, -24.9 and -25.1, (± 0.2).  
Using the obtained solubility constant product Ksp with an adequate activity model in speciation soft 
wares (Phreeqc and Visual Minteq), the solubility at choice conditions (varying temperature and pH) 
has been predicted. This has been tested experimentally and is in reasonable agreement. Solubility in 
water was found to be very low, but much higher in acid (with a negative effect of increasing 
temperature). At constant temperature, the solubility was found to be dependent mainly on solution 
pH with minimal environmental influence. The solubility information is useful for improving the 
control of the crystallization and purification of AHF from SPL leachates.  
The dissolution of AHF (at constant composition) is an exothermic reversible reaction, and its 
crystallization (at constant composition) is equally a reversible but endothermic reaction. At constant 
temperature the solubility of AHF is dependent mainly on pH, hence any change in pH changes the 
solubility. The pH and hence AHF solubility in this study was influenced mainly by the acid (H2SO4) 
concentration. There was no observed interference by environmental (trapped air) factors.  
The results obtained from this chapter can be used in exploring the optimum production scheme for 
aluminium hydroxyfluoride hydrate in an industrial process. Figure 6.15 shows the solubility 
isotherms of AHF in acidic solutions at pH between 1 and 5. Temperature and pH control can be used 
to optimize recoveries. For example a saturated solution at 25 oC and pH 2.3 contains about 200g of 
AHF/kg of acid solution. A temperature increase from 25 oC to 90 oC at the same pH would reduce 
the solubility to about 0.3 g of AHF per litre of solution, resulting to about 99 % recovery. Whereas 
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an increase in pH from the same pH 2.3 to pH 5.0 would result to a similar recovery without the 
enormous energy demand required for heating. 
 
Figure 6.15: Aluminium hydroxyfluoride hydrate solubility isotherm. 
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CHAPTER 7 
Supersaturation, Metastability and Nucleation Threshold 
7 Supersaturation, Metastability and Nucleation Threshold 
 Introduction 
This chapter examines the regions of supersaturation, metastability and nucleation thresholds for 
typical starting solutions used in the crystallization of aluminium hydroxyfluoride. Conditions of 
interest are those for application in the proposed method for the recovery of the fluoride values of 
spent pot lining in the form of aluminium hydroxyfluoride hydrate (see section 2.4). The partial 
neutralization method has been adopted for this process. This study is useful in providing information 
for the subsequent crystallizer design.  
Supersaturated solutions are known to have regions where spontaneous crystallization is unlikely 
(metastable) and regions where it is probable (labile zone). There is a region in-between, where 
crystallization is likely by the addition of seed crystals (secondary nucleation zone). The secondary 
nucleation region is bordered by the secondary nucleation threshold (SNT), at the lower 
concentrations, and the primary nucleation threshold (PNT) at the higher concentrations (refer to 
Figure 3.2). It is a well-known phenomenon in industrial crystallization that seeding a supersaturated 
solution, within the metastable region is likely to promote crystal growth over nucleation. (Mullin, 
2001). 
Previous studies have identified the optimum solution composition and pH for the crystallization of 
aluminium hydroxyfluoride hydrate. Usually aluminium and fluoride containing compounds are 
digested with sulphuric acid, then partially neutralised with caustic. A majority of the previous 
publications agree that an F/Al molar ratio of 2 is optimum for the starting solutions (Bush and 
Gaydoski, 1985, Lisbona, 2009, Kaaber and Mollgaard, 1996). There is also a general agreement that 
partial neutralization should only be used up to pH ~ 5.0 to avoid co-precipitates (Bush and Gaydoski, 
1985, Lisbona and Steel, 2008).  
So far, there have not been suggestions of the points/regions/pH where the starting solution is likely 
to be saturated by the aluminium hydroxyfluoride phase as the solution is neutralized. It is 
conceivable that such a point exists as phases do not precipitate as soon as the solution is saturated. 
Furthermore, it is likely that the solution will get past the point of saturation into a supersaturated 
region, prior to the labile region where spontaneous precipitation occurs. It is the object of this chapter 
to identify these regions, thereby identifying the metastable zone width (MSZW). 
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 Speciation Modelling 
The crystallization of aluminium hydroxyfluoride hydrate can be modelled using literature stability 
constants (Lisbona and Steel, 2008). Speciation calculations can be used to obtain useful information 
about the solution making it possible to predict the saturation index at conditions of interest. 
Combining theoretical results with experimental validations, it is possible to determine the metastable 
zone width of typical AHF crystallizing solutions. 
The solubility product constant (Ksp) of aluminium hydroxyfluoride hydrate - AlF2(OH).H2O is 
defined in terms of its dissociation into its constituent ions as Equation 7.1. The log of the Ksp at 25 
oC (defined as Equation 7.2) and the temperature dependence of its solubility (∆H) were obtained as 
-24.3 ± 0.02 and -25.0 ± 2.9 kJ/mol, respectively (Chapter 6). 
AlF2(OH)(s)  ↔  Al3+ (aq) + 2F- (aq) + OH- (aq)   (7.1) 
 
Ksp = {Al
3+}{F-}2{OH-}  (7.2) 
 
The dimensionless relative supersaturation (α) for AHF is defined by Equation 7.3. 
α = 3√{𝐴𝑙}{𝐹}2{𝑂𝐻−}/{𝐴𝑙}{𝐹}2{𝑂𝐻−} - 1 = 3√𝐼𝐴𝑃/𝐾𝑠𝑝−1       (7.3) 
 
Where { } represents the ionic activities 
IAP = total ionic activity product  
Ksp = Solubility product constant. 
The IAP represents the total ionic activity product at a given time, while the Ksp represents the total 
ionic product at equilibrium. 
Given the Ksp and ∆H for AHF, along with the relevant stability constants, the distribution of species 
for a typical AHF crystallization scheme can be obtained.  From the speciation calculation, the 
molarities and activities of the ions in solution can be quantified, making it possible to estimate the 
degree of supersaturation of AHF at varying pHs and temperatures using Equation (7.3). To conduct 
the speciation calculations, the composition and pH of the starting solution was fixed at 0.3 M Al and 
0.6M F, 0.6 Na with 0.6M H2SO4 as the solution. These conditions were chosen as they are the typical 
starting solution concentrations. The amount of caustic for partial neutralization was varied to obtain 
the solution pH by charge balancing. The results obtained are for equilibrium conditions. Table 7.1, 
shows the activities of the major species used in the calculation.  
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Table 7.1: Activities used to determine solution supersaturation. 
  Activities 
Run NaOH pH Log Al+3 Log F- Log OH- Na+ 
1 0.0000 1.44 -4.781 -4.336 -12.572 -0.484 
2 0.2000 2.01 -4.828 -4.318 -12.002 -0.385 
3 0.2500 2.33 -4.839 -4.314 -11.681 -0.366 
4 0.2900 3.04 -4.848 -4.311 -10.968 -0.351 
5 0.2960 3.44 -4.849 -4.311 -10.568 -0.349 
6 0.2990 4.04 -4.850 -4.310 -9.975 -0.348 
7 0.2995 4.30 -4.850 -4.310 -9.711 -0.348 
8 0.3000 4.67 -4.851 -4.310 -9.344 -0.348 
9 0.3005 4.90 -4.853 -4.309 -9.107 -0.347 
10 0.3020 5.18 -4.860 -4.306 -8.833 -0.347 
11 0.3080 5.49 -4.886 -4.295 -8.521 -0.344 
12 0.3200 5.71 -4.939 -4.274 -8.304 -0.338 
13 0.3500 5.95 -5.079 -4.217 -8.063 -0.324 
14 0.3600 6.00 -5.129 -4.197 -8.009 -0.319 
15 0.4000 6.18 -5.352 -4.108 -7.832 -0.301 
16 0.4500 6.37 -5.693 -3.977 -7.644 -0.280 
17 0.5000 6.56 -6.127 -3.816 -7.452 -0.260 
18 0.5500 6.77 -6.679 -3.620 -7.238 -0.241 
19 0.6000 7.02 -7.360 -3.391 -6.996 -0.223 
20 0.6500 7.27 -8.124 -3.147 -6.740 -0.206 
21 0.7000 7.52 -8.913 -2.908 -6.490 -0.190 
22 0.7500 7.77 -9.728 -2.673 -6.246 -0.175 
23 0.8000 8.03 -10.632 -2.423 -5.988 -0.160 
24 0.8500 8.33 -11.740 -2.130 -5.685 -0.146 
25 0.9000 8.69 -13.117 -1.779 -5.322 -0.133 
26 0.9500 9.03 -14.410 -1.460 -4.983 -0.121 
27 1.0000 9.28 -15.342 -1.238 -4.738 -0.109 
28 1.0500 9.46 -16.021 -1.084 -4.557 -0.098 
29 1.1000 9.60 -16.557 -0.968 -4.413 -0.087 
30 1.1500 9.73 -17.008 -0.876 -4.291 -0.076 
31 1.2000 9.84 -17.411 -0.800 -4.181 -0.066 
32 1.2500 9.94 -17.788 -0.736 -4.078 -0.056 
33 1.3000 10.04 -18.161 -0.680 -3.976 -0.046 
34 1.4000 10.28 -19.021 -0.587 -3.745 -0.028 
35 1.4500 10.45 -19.699 -0.547 -3.568 -0.019 
 
The concentration of Al, F and S remained fairly constant. The slight changes are due to the added 
NaOH which alters the solution volume. However, the concentration of Na increased as expected, 
given the added NaOH, 
Equations (7.4 -7.14) were used to quantify the concentrations of the Al-F, Al-OH, H-OH and HF 
species in solution. Additional Equations 7.15 - 7.18 were used to quantify the concentrations of the 
Al-SO4 and Na-F species. The stability constant values for the deprotonation equations were taken 
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from the PHREEQC database (Parkhurst and Appelo, 2013), (Nordstrom and May, 1989, Nordstrom 
and May, 1996). 
[AlF2+] = K1[Al
3+][F−]  (7.4) 
[AlF2
+] = K2[Al
3+][F−]2  (7.5) 
[AlF3]  = K3[Al
3+][F−]3  (7.6) 
[AlF4
−] = K4[Al
3+][F−]4  (7.7) 
[Al(OH)2+] = K5[Al
3+]/[H+] (7.8) 
[Al(OH)2
+] = K6[Al
3+]/[H+]2  (7.9) 
[Al(OH)3] = K7[Al
3+]/[H+]3  (7.10) 
[Al(OH)4
−] = K8[Al
3+]/[H+]4  (7.11) 
[HF] = K9[H
+][F−]  (7.12) 
[HF2
−] = K10[H
+][F−]2  (7.13) 
[H+][OH−] =Kw  (7.14) 
[AlHSO4
2+] =K11[Al
3+][HSO4
-]   (7.15) 
[AlSO4
+] = k12[Al
3+][SO4
2-] (7.16) 
[Al(SO4)2
-] = K13[Al
3+][(SO4)2
4-]2  (7.17) 
[NaF] =K14[Na
+][F-]  log K = - 0.24  (7.18) 
Balances to the major elements (Al, F, Na and S) and charged species in solution are summarised in 
Equations. (7.19) – (7.23); 
[Al]initially  =  [Al3+] + [AlF2+] + [AlF2+] + [AlF3] + [AlF4−] + [Al(OH)2+] +[Al(OH)2+] + 
[Al(OH)3] + [Al(OH)4−] + [AlHSO42+] + [AlSO4+] + [Al(SO4)2-] (7.19) 
 
[F−]initially = [F−] + [AlF2+] + 2[AlF2+] + 3[AlF3] + 4[AlF4−] + [HF] + 2[HF2−] + [NaF]   (7.20) 
 
[Na]initially = [Na+] + [NaSO4-] + [NaF] + [NaOH]  (7.21) 
 
[S]initially = [H2S] + [HS-] + [S-2] +[SO4-2] + [NaSO4-] + [HSO4-] + [Al(SO4)2-] + 
[AlSO4+] + [AlHSO42+] (7.22) 
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Balance to the charged (anions and cations) species is presented in Equation 22; 
[F−] + [AlF4−] + [Al(OH)4−]  + [Al(SO4)2-] + [HF2−] + [OH−] + 2[S2-] + 2[SO42-] + 
[NaSO4-] + [HSO4-]   =  
[Al3+] + 2[AlF2+] + [AlF2+] +2[Al(OH)2+] + [Al(OH)2+] + 2[AlHSO42+] + [AlSO4+] 
+ [H+] + [Na+] (7.23) 
 
 
Table 7.2: Speciation equilibria and stability constant data for the aluminium hydroxyfluoride 
hydrate system (Parkhurst and Appelo, 2013). 
 Reaction pK (25 oC)0.0 HR (25 oC) (kJ/mol) 
1 Al3+ + F-  AlF2+ 7.0 4.44 
2 Al3+ + 2 F-  AlF2+ 12.7 8.28 
3 Al3+ + 3 F-  AlF3 16.8 9.04 
4 Al3+ + 4 F-  AlF4- 19.4 9.20 
5 Al3+ + H2O  AlOH2+ + H+ -5.0 55.4 
6 Al3+ + 2 H2O  Al(OH)2+ + 2 H+ -10.1 122.5 
7 Al3+ + 3 H2O  Al(OH)3 + 3 H+ -16.8 176.3 
8 Al3+ + 4 H2O  Al(OH)4- + 4 H+ -23.0 183 
9 H+ + F-  HF 3.17 13.4 
10 H+ + 2F-  HF- 3.76 4.550 
11 H+ + SO4
2-  HSO4- 1.99 22.5 
12 Al3+ + SO4
2-  AlSO4+ 3.84 9 
13 Al3+ + 2 SO4
2-  Al(SO4)2- 5.58 11.9 
14 Al3+ + H+ + SO4
2-  AlHSO42+ 2.448 - 
15 Na+ + F-  NaF -0.24 - 
16 Na3AlF6 (s)  3Na+ + Al+3 + 6F- -31.49 45.67 
17 Al(OH)3 (s) + 3 H
+  Al3+ + 3H2O 10.8 -111 
18 AlF2OH(s)  Al3+ + 2F- + OH- 24.3* -25.0* 
*(Chapter 6), 0.0 zero ionic strength. 
 
The speciation calculation involved 25 Equations and 25 unknowns, which was solved 
simultaneously. While more species than presented in Equation 7.4 - 7.23 were used, only the 
equations involving the major species are presented. The speciation program PHREEQC (version 
3.1) using the SIT model for estimating the activity coefficient was used to make these calculations. 
The major stability constant data used in the modelling are presented on Table 7.2, which are in-built 
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into the software programme. The data were obtained from published experimental and theoretical 
calculations from various authors (Ball and Nordstrom, 1991, Nordstrom et al., 1990). The data for 
ternary Al-F-OH system was available at 25 oC (Sanjuan and Michard, 1987), but were not included 
in the calculations as temperatures higher than ambient 25 oC were involved. The temperature 
dependence of the equilibrium constants for the Al-F-OH system were not found. 
 Supersaturation estimation 
Figure 7.1 shows the predicted degree of supersaturation at ambient (25 oC) temperature for varying 
pHs. The chart models typical starting solutions with the compositions listed in section 7.2, and could 
vary with different starting concentrations. It represents the driving force for crystallization, as typical 
starting solutions are partially neutralized from pH < 2 to pH 6. Important regions on the curve are 
highlighted on Figure 7.1a. From the estimation, the solution gets saturated at about pH 3.2 ± 0.3 and 
beyond this pH, it is supersaturated.  
The supersaturation driving force gets to a maximum at pH 7.0 ± 0.2 after which it starts to decline. 
This decline is due to other phases competing for the Al, F and OH used in forming AHF. Above pH 
5.0, these phases (typically Na3AlF6 and Al(OH)3) are more likely to co-precipitate.  It is important 
to note that it is unlikely to get to the maximum (pH 7.0) supersaturation practically, without 
spontaneous AHF crystallization occurring. 
Figure 7.1b depicts what is expected if lower concentrations of Al and F are used. Note that the F/Al 
molar ratio is maintained at 2.0 (± 0.5). As the concentrations of Al and F are reduced, the degree of 
supersaturation curve shrinks as there is more free acid that needs to be consumed, prior to the 
aluminium hydroxyfluoride hydrate - AHF formation reaction. Hence at lower Al and F 
concentrations, more caustic is required, leading to an increase in pH for the saturation and maximum 
supersaturation point. It is however essential to saturate the solution with as much F as possible to 
minimise the contamination of the anionic portion of the solvent (Bush and Gaydoski, 1985).  
Therefore, Figure 7.1a is the most favourable for pure aluminium hydroxyfluoride hydrate 
crystallization. 
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Figure 7.1: Supersaturation driving force for AHF crystallization. F/Al = 2, a) 3M Al, b) 3, 2 and 1 
M Al. Note: IAP and Ksp are defined on Equation 7.3. 
The predicted supersaturation plotted on Figure 7.1 (a) was fitted with a Gaussian curve (Equation 
7.24) and it fitted up to 95% of the predicted values. 
α = 0.35 + 31.6 × 𝑒(−0.5((pH−5.2) 0.75)
2)⁄  (7.24) 
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Figure 7.2 shows the saturation index of the major species competing for precipitation with AHF. 
From the speciation calculation, gibbsite is predicted to precipitate after pH 4.04, but this was found 
to be at pH 5.0 experimentally. It is believed that the difference is due to the phenomenon of 
metastability. Cryolite on the other hand, is predicted to precipitate at a much higher pH of about 5.8. 
 
  
Figure 7.2: Saturation index of the major phases. 
 
 Distribution of species 
A prediction of the distribution of species in solution for AHF crystallization is shown on Figure 7.3. 
The concentrations of the major Al binary ion species are shown as mole percentages of the total Al. 
The starting solutions are at varying concentrations of F but with an F: Al molar ratio = 2.  Total F 
molar concentrations of 0.6, 0.4 and 0.2 mol/kg solution are presented. Caustic concentrations were 
varied, to obtain the final solution pH. The result models a perfectly mixed and completely pure 
system at metastable conditions, hence zero nucleation is assumed. 
The AlF2
+ species has been proposed to be the possible precursor for AHF crystallization (Lisbona, 
2009). Figure 7.3 shows that in a typical AHF crystallization solution, AlF2
+ is the dominant cation 
at pH < 5.0. In Figure 7.3a, although the concentration of AlF2
+  is exceeded by that of AlF3 towards 
pH 5, AlF3 is expected to remain in the aqueous phase due to its high solubility in acidic solutions 
(Matwiyoff and Wageman, 1970). Therefore partially neutralizing AHF solution, increases the 
activity of the hydroxyl ion (OH), favouring the reaction represented by Equation 7.26.  
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Figure 7.3: Distribution of major Al-F binary species in solution with 0.6M F initially, F/Al 
molar ratio = 2. a) 25 and 90 oC, dotted line is 25 oC. b)Comparison with 0.2M F initially. 
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The distribution of species in a solution at 25 oC is compared with the distribution of species at 90 oC 
in Figure 7.3a. The distribution of species in 0.6 and 0.2 total F solutions at 90 oC is compared on 
Figure 7.3b. The trends for other temperatures and possible F/Al concnetrations followed same, as 
long as the F/Al molar ratio in the starting solutions is kept at ≈ 2. 
The change in species concentration as pH increases, indicate the possible reactions occurring. Figure 
7.3b suggest that reactions occur at slightly higher pHs at lower concentrations of F and Al. This is 
expected, as lower Al/F concentrations mean a greater part of the acid - H2SO4 acid is free. Hence 
more caustic - NaOH is required to neutralize the free acid to a high enough pH (3.0) before the AHF 
synthesis reaction could progress. Figure 7.3a on the other hand suggests that at higher temperatures, 
AHF synthesis reaction is likely to occur at lower pHs. 
The speciation models in Figure 7.3 (done in PhreeqC) agree with the previous model in Figure 5.1 
(calculated with Microsoft excel). As pH and hence the activity of hydroxyls increase, there is an 
increased complexation of Al forming the binary Al-OH species. This results to more fluorides 
complexing the free Al, hence the increased concentration of AlF3 and AlF4
- from pH 3.6. 
Theoretically, ionic precipitation reaction begins with charged species bonding to form aqueous 
phases. The aqueous phase formed is initially under saturated in the mother liquor, and hence remains 
dissolved. If the driving force for the reaction is sustained and the synthesis reaction continues, a 
threshold is reached where the concentration of the product exceeds its equilibrium concentration and 
it becomes saturated. Depending on the system, usually the product does not crystallize immediately 
after it is supersaturated. Following the classical theory of primary nucleation, a stable crystal is 
formed by the clustering of growth units similar to a polymerization process as shown on section 3.8 
(Nývlt, 1968).  
Figure 7.4 gives an insight into the possible steps to the AHF synthesis reaction. As the pH of the 
solution increases, the concentration of HSO4
- reduces while the concentration of OH- increases. 
Given their charges, it is conceivable that the intermediate reaction according to Equation 7.26 could 
be occurring prior to the synthesis of AHF. At higher pHs, the substitution reaction according the 
Equation 7.27 is a favourable pathway to the AHF synthesis reaction.  
AlF2
+ + OH ↔ AlF2OH(s)       (7.25) 
AlF2
+ + HSO4
- ↔ AlF2HSO4       (7.26) 
AlF2HSO4 + 2NaOH ↔ AlF2OH(s) + Na2SO4 + H2O    (7.27) 
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Figure 7.4: Similarity in HSO4
- depleting and OH- deposition. 
 Materials and method. 
 Starting solution preparation 
Bulk solution for aluminium hydroxyfluoride hydrate crystallization was made for uniformity 
according to the standard procedure described in section 5.3. Solution was made starting with 300 g 
of aluminium hydroxide - Al(OH)3 (to give 0.26M Al
3+) dissolved in 15 kg of  (0.6 M) sulphuric acid 
- H2SO4. 323.5 g of sodium fluoride - NaF (to give 0.51M F
-) was further dissolved in the same 
solution. This solution after filtering to get rid of any tiny undissolved particulates had an F/Al molar 
ratio of 2.0 as confirmed by the solution analysis. Solution analysis was done using the inductively 
coupled plasma atomic emission spectroscopy (ICP – AES).  The pH of the filtered solution was 
typically between 1 and 2; this solution is further referred to as the starting solution.  
 Equipment 
The crystallizer used for seed and metastable solution preparation was a 1.4 liter glass vessel. The 
vessel had a detachable lid fitted with ports for pH meter, temperature sensor, material input and 
sampling. The crystallizer had a second compartment circulated with water from a water bath with 
the temperature controlled at ±1 oC by a Julabo ED thermostat. The contained solution was stirred 
from with a 9 cm Teflon coated magnetic stirrer bar, powered by a Wisestir® MSH-20D magnetic 
stirrer. Simultaneous caustic dosage and pH control was automated using a T-50 Mettler Toledo 
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autotitrator. Where the autotitrator could not be used (at elevated > 60 oC temperature), instantaneous 
pH readings were taken via an immersed pH meter (Orion 4 star pH.ISE benchtop). The set-up is 
shown on Figure 7.5. 
 
 
Figure 7.5: Schematic of set-up for the pH-static crystallization of AHF 
 
 
 Seed crystal preparation 
Common history (CH) seeds were prepared from the same starting solution by partial neutralization 
according to the method described in section 5.3. The starting solution (section 7.4.1) was dosed with 
1.67M NaOH up to a maximum pH of 4.9, at a temperature of 70 oC. This caused the crystallization 
of aluminium hydroxyfluoride (AHF) crystals. The AHF crystals obtained, were separated from the 
mother liquor by filtering and then dried according to the method previously described in section 5.3. 
The obtained crystals were identified using powder X-ray diffraction and confirmed to be the 
pyrochlore phase of aluminum hydroxyfluoride hydrate. The absence of any other peaks suggested a 
purity of up to 95 %. 
 Metastable solution preparation 
Metastable solutions were prepared from the starting solution (7.4.1) in a similar method to that used 
for the seed preparation. The exception was that caustic - NaOH was dosed only to get the solution 
to a set pH < 4.7, as against pH 4.9 for seed production.  
Thermostat 
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beaker 
b 
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 Results 
 Metastability  
The partially neutralized solutions below pH < 4.7 were inspected initially visually to see when 
nucleation occurred. Nucleation was observed by a change of colour of the solution from white to 
milky. The solution colour change indicated the formation of the whitish AHF crystals. The major 
source of error for this method is the possibility of the formation of microscopic nuclei invisible to 
the eye. 
A more accurate method for observing the onset of primary nucleation was obtained through an 
observation of the solution pH profile. Caustic was dosed to increase the pH of the solution to a set 
pH within the supersaturated zone, and then dosage was stopped. This was done in an autotitrator set-
up (Figure 7.5), which also logged the volume and solution pH over time. In the absence of 
crystallization, the solution pH was expected to remain constant at the set pH. If 
nucleation/crystallization occurred, the solution pH was expected to drop, sometimes low enough to 
require an automatic dosage of caustic to maintain the pH at the set point. Nucleation/crystallization 
of AHF involves the consumption of hydroxyls (OH) as represented in Equation 7.26. This accounts 
for the decrease in the solution pH. 
Figure 7.6 shows the caustic dosage profile at two different set pHs. Figure 7.6a shows the solution 
pH profile for a set pH of 4.7, above the metastable limit. Figure 7.6b shows the profile for a set final 
pH of 4.3, within the metastable zone. In Figure 7.6b, caustic dosage stopped as soon as the target pH 
was reached, indicating there was no crystallization. On the contrary, in Figure 7.6a, caustic dosage 
continued after attaining the set pH of 4.7, in response to AHF crystallization. The dosage only 
stopped when equilibrium was reached. 
Dosing caustic to attain a set solution pH of 4.5 and below, yielded a similar profile to Figure 7.6b. 
Whereas dosing caustic to a set solution pH > 4.7, yielded a similar profile to Figure 7.6a. At 
prolonged times (induction time up to 10 days) the solutions at pH < 4.7, equally turned milky 
signifying that they were metastable. The induction time at various pH and temperature was measured 
and is presented in section 7.5.6. 
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Figure 7.6: Typical caustic dosage profile for AHF crystallization. (a) Set pH = 4.7 (above the 
metastable limit) 200g starting solution, (b) Set pH = 4.3 (within the metastable zone) 70g 
starting solution. 
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 Primary nucleation threshold 
The instantaneous primary nucleation threshold was observed visually, as the pH where the clear 
solution first turned cloudy within a minute of caustic dosage. This occurred at pH 4.7 at 25 oC for 
typical starting solutions. However, it is conceivable that microscopic nuclei may have formed earlier; 
hence a safe estimation would be pH 4.7 ± 0.5. For the subsequent growth experiments, an induction 
time of up to 3hrs would be required; hence the metastability induction time of the solution at different 
pHs was tested. The estimated pH of saturation and observed onset of instantaneous primary 
nucleation at pH 4.7 was supported by inferences from the titration curve.  
Figure 7.7 shows the titration curves for a typical AHF crystallization run. Figure 7.7a shows a full 
plot of the pH and differential pH profile with caustic volume. The region for AHF crystallization is 
focussed on Figure 7.7b. This plot is used to obtain the exact equivalence point, which corresponds 
to the peak in the first differential of pH with volume.  Two peaks are observed with one (at lower 
pH) corresponding to AHF crystallization and the latter corresponding to the consumption of residual 
acid. 
Figure 7.8a is a reciprocal of Figure 7.7a. The region of AHF crystallization is focussed on Figure 
7.8b. This plot was used to obtain the exact mid-point of aluminium hydroxyfluoride hydrate 
crystallization. The mid-point was taken as the pH corresponding to the highest peak of the first 
differential of caustic volume with pH. Three peaks were observed, but the one within the region of 
AHF crystallization was considered. 
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Figure 7.7: Equivalence point determination. a) pH 0 -12   b) pH 1- 6 . 
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As shown on Figure 7.7 and 7.8, the equivalence point was obtained as pH 3.3 ± 0.3 while the mid-
point was obtained as pH 4.6 ± 0.3. This was calculated by averaging peaks from several runs, usually 
between 3.2 and 3.4 for the equivalent point and 4.5 and 4.7 for the mid-point. These values were 
reproducible across several runs and were not dependent on caustic dosage rate. They also had little 
dependence on the Al and F concentration as long as the F/Al molar ratio was = 2. In all runs, the on-
set of spontaneous nucleation (within 1 minute of caustic dosage), was found to correspond to the 
same pH 4.7 ± 0.3, which happened to be soon after the mid-point of the titration curve.  
 
 
 
Figure 7.8: Mid-point determination. a) pH 1 – 12, b) pH 1-8. 
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The mid-point was best observed by plotting the moving average trend line of the first derivative of 
pH with volume (dpH/dv). This reduced the ambiguity with the scatter associated with this plot as 
was observed in some later runs. The plot of dpH/dV on Figure 7.9a is compared with the plot of the 
moving average of the differential volume in Figure 7.9 b. To improve the clarity, in the moving 
average plot, a period of 100 was used. 
 
 
Figure 7.9: Differential volume with pH. For; 70 g starting solution, F/Al molar ration = 2:1 and 
temperature = 25 oC. a) dV/dpH data points plot, b) dV/dpH moving average plot. 
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 Control acid base titration. 
As a control experiment, the same 1.67M NaOH solution was titrated against the same 0.6 M H2SO4 
solution used in obtaining the titration curves (Figure 7.7 - 7.9), for the crystallization of the 
aluminium hydroxyfluoride hydrate. This was so that a comparison can be made. As expected for a 
strong acid and a strong base, the equivalence point was pH 7.0 (Figure 7.10 a). This was also 
independent of the dosage rate or concentrations of caustic and sulphuric acid used. This is compared 
with AHF crystallization curve of Figure 7.10 b, which is similar to a titration curve. 
 
 
 
Figure 7.10: Comparing AHF crystallization pH profile with acid/base titration curve. a) 
NaOH/H2SO4 titration curve, b) AHF crystallization pH/Vol plot. 
 
In this study, the equivalence point for AHF crystallization was measured to be 3.3 ± 0.3. A previous 
study crystallizing AHF from industrial solutions had reported an equivalence point of 3.1 (Lisbona, 
2012a). The difference is thought to be due to the likely impurities in such industrial solutions, which 
could have led to side reactions. The equivalence point is strongly considered to be due to the reaction 
represented by Equation 7.25, occurring. Hence the AHF pH/volume plot of Figure 7.10b, can be said 
to a combination of crystallization and neutralization reactions. 
 Time dependence of metastability 
Metastable solutions are known to nucleate after time. The time till nucleation is referred to as the 
induction. This was first observed visually, but a more accurate method was developed using the 
solution pH profile. A maximum observation time of 10hrs was chosen. Figure 7.11 shows typical 
examples of the results at pH 4.3 and 4.5 respectively.  
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Figure 7.11: Observing the onset of nucleation using pH difference. a) at pH 4.3, b) at pH 4.5 
 
The time until a drop in pH occurred was used to know when nucleation occurred. For the metastable 
solutions, a drop in pH could only be observed by plotting the pH difference between the 
instantaneous pH and the target (final) pH. The pH plot was a more accurate method than visual 
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differed considerably in the mid-pHs (4.1 – 4.5). This was because the onset of nucleation did not 
lead to visible colour change, and hence could not be observed. 
 
 
Figure 7.12: Induction time of AHF metastable solutions. a) At varying pHs, b) At corresponding 
supersaturation. 
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The induction time at varying pH was obtained from plots similar to Figure 7.11. The solution pHs 
were converted to their corresponding degree of supersaturation using Equation 7.24. Figure 7.12a 
shows the plot of induction on the Y-axis and solution pH on the X-axis. The corresponding 
supersaturation is plotted on the X-axis on Figure 7.12 b. The induction time had a linear relationship 
with both pH and the corresponding supersaturation. These relationships were fitted with the 
regression Equation 7.30 and 7.31, respectively. 
 
Tind (hrs) = 35.5 – 7.1pH  (7.28) 
Tind (hrs) = 11.7 – 0.38 α (7.29) 
 
In Figure 7.12 a, the data points from visual inspection is indicated in red. The full data from visual 
inspection is provided in the appendix (Table A7.2). The visual data points were not used for the 
regression Equations 7.30 and 7.31, as they were considered not very accurate. However they re-
affirm the results from the pH method. As expected, the induction time reduced as pH increased. This 
is because higher pHs are equivalent to higher supersaturation driving force. This results in nucleation 
occurring earlier at the high pHs. 
To obtain the appropriate pH at the desired induction time, the reciprocal of the curves on Figure 7.12 
was plotted, and Figures 7.13 a and b were obtained. The plot of Figure 7.13 makes it possible to 
determine what pH to target, after choosing the required induction time. For the subsequent growth 
test, a maximum induction time of 3 hrs was taken to be sufficient. This corresponded to pH 4.6 and 
a relative supersaturation of 24 ± 0.5 (Figure 7.13). 
From Figure 7.12 a, the induction time measured by pH drop agreed reasonably with the results 
obtained by visual inspection. Hence, subsequent induction times at higher temperatures where 
monitored visually. Moreover, it was much easier to observe nucleation at higher temperatures as the 
colour change was sharper. Solutions were prepared at pH’s ranging from pH 3.0 – 5.5 at 40 and 60 
oC and the onset of nucleation was monitored visually. The solutions were prepared in the autotitrator, 
and maintained at desired temperature by submerging in a water bath. 1 minute was allowed for the 
pH to remain steady. Once the pH remained constant, the sample was then transferred to another 
water bath for observation. The time lapse between preparation and transfer was averaged at 2 
minutes. 
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Figure 7.13: Supersaturation-induction time plot. Inverse of Figure 7.12; a) pH on y-axis, b) 
Relative supersaturation on y-axis. 
Figure 7.14 shows the profile obtained at 40 and 60 oC plotted on the same graph as that obtained at 
25oC. There was scatter in the obtained data, which is attributed to the stochastic nature of nucleation. 
A linear trend line was drawn across the data points. The 3 hour induction time at 25, 40 and 60 oC 
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were obtained at pH 4.7, 4.6 4.4 respectively. These were close (pH ± 0.3) to the mid- points of the 
titration curves at these temperatures (Table 7.4).  
 
Figure 7.14: Metastability induction time at varying temperatures. 
 Secondary nucleation threshold 
The titration curves gave information on the region/pH of saturation, supersaturation, metastability 
and primary nucleation. There ought to be a boundary within the metastable region that marks the 
beginning of the secondary nucleation region. The following experiment was aimed at identifying 
this boundary usually referred to as the secondary nucleation threshold - SNT. 
The starting solution described in section 7.4.1 was partially neutralized (with caustic) to pH 3.21, 
3.47, 3.64, 3.82, 4.20, and 4.41 respectively. 100g of each of these metastable solutions were kept in 
polyethylene plastic bottles and maintained in a water bath at 25 ± 0.1 oC. Approximately 0.05 (± 
0.001) g of AHF seed was added to each of the solutions. The seeds were initially mixed with the 
solution by stirring at 100 rpm for 30 secs, then left to settle for 20mins. The time until secondary 
nucleation was measured from the time the solution settled into a distinct clear background. 
Secondary nucleation was observed (visually), by the solution colour. Cloudiness indicated the onset 
of secondary nucleation. Note that discontinuation of stirring was necessary to make it possible to 
observed the colour distinction. 
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Figure A2.1 (appendix) shows the pictures of the solutions at varying pH. The solution at pH 4.41 
remained cloudy after others had settled. This indicated that secondary nucleation occurred almost 
instantly. The other solutions remained clear for the complete observation period of 10 hrs. However, 
after leaving the solutions overnight (~18 hrs) the solution at pH 4.20 was found to be cloudy, whereas 
the other solutions still remained clear. Figure A2.1 shows a picture of the samples after 18 hrs 
(without sample 4.41). 
Attempts to find the exact secondary nucleation threshold at pHs between 4.20 and 4.40 was 
unsuccessful. This was partially due to the difficulty in maintaining a target pH within the narrow pH 
range. Moreover, the secondary nucleation tests were not reproducible. However, the observations of 
the few successful runs, strongly suggests that the secondary nucleation threshold is very close to the 
primary nucleation threshold and is further treated as non-distinguishable. 
 Metastable zone width 
Inferences from the titration curves (Figure 7.7 – 7.11), the induction time charts of Figure 7.12 and 
7.13 and the speciation modelling on Figure Figures 7.1 and 7.3 were used to propose the metastable 
zone width for AHF crystallization. The trends of the titration curve were interpreted as follows; as 
caustic is added to typical starting solutions and the pH increases from between 1 - 2 to pH 5.0, the 
solution is initially undersaturated with AHF up to pH 3.3 (± 0.2), which also corresponds to the 
equivalence point. Prior to the equivalence point, the consumption of acid by the added NaOH, is 
buffered by the reaction of the hydroxyls with AlF2
+ complex, to produce AHF according the reaction 
represented by Equation 7.25. 
The AHF produced in solution is saturated at the instance of the equivalence point, but does not 
crystallise immediately below pH 4.7. AHF remains metastable for > 3hrs in solution at pH 4.6 (± 
0.3), after which spontaneous primary nucleation occurs. The pH for the 3hrs induction primary 
nucleation threshold coincided with the mid-point of the titration curve. This observation was 
reproducible across several runs. It is possible that a secondary nucleation threshold (SNT) exists 
within the metastable region. Attempts to determine the SNT has been made but was not considered 
very accurate. It however suggests an SNT at pH between 4.2 and 4.4, which is averaged as 4.3.  
Figure 7.15 shows the resolution of the metastable zone width for AHF crystallization from 
observations made. As seen on the simulation result of Figure 7.2, these regions may shift slightly 
depending on the composition of Al/F. Hence the method presented can be used to determine to 
resolve the metastable zone width for individual solutions. For example, the solution with the lower 
Al/F ceoncentration, at a temperature of 25 oC had a mid-point of 4.8 and an equivalence point of 3.4 
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(Figure 7.9). On the other hand, the solution with an F/Al molar ratio of 6:3, but at the same 25oC 
temperature, had a mid-point of 4.6 and an equivalence point of 3.4 (Figure7.7 and 7.8). 
 
Figure 7.15: AHF titration/crystallization curve. AHF starting solution mass = 60 g, caustic dosage = 2 
ml/min, F/Al = 2, Al initially = 0.3 M, PNT = primary nucleation threshold, SNT = Secondary 
nucleation threshold, MSZW = metastable zone width, SP = Saturation point. 
 
From the foregoing (Figure 7.12 and 7.13), the primary nucleation threshold within 1 minute of partial 
neutralization corresponded to pH 4.7. The 3 hr induction time metastability was attained at pH 4.6 
which also corresponded to the mid- point of AHF crystallization. The equivalence point 
corresponded to the saturation of aluminium hydroxyfluoride hydrate in solution. As this was 
observed in several other solutions and at other temperatures, it is concluded that the titration curve 
can be used to obtain the metastable zone width - MSZW at all temperatures below the boiling point 
of solution. Figure 7.16 was used to obtain the equivalence point, while Figure 7.17 was used to 
identify the mid-point. The same solutions were used and all other conditions kept constant. Hence 
the observed trend is expected to be due to the influence of temperature only. 
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Figure 7.16: First derivative of pH with volume. a) 31 oC, b) 40 oC,  c) 50 oC, d) 60 oC. 
 
Figure 7.16 showed an increase in the equivalence point pH as temperature increased. This signified 
that the solution got saturated a bit later as temperature increased. On the other hand, Figure 7.17 
showed a reduction in the mid-point pH as temperature increased. This equally suggested that the 
nucleation threshold was reached a bit earlier as temperatures increase. Table 7.4 shows a summary 
of the conditions and the results at the varying temperatures. 
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Figure 7.17: First derivative of volume with pH. a) 31 oC,  b) 40 oC,  c) 50 oC, d) 60 oC. 
 
As shown on Figure 7.18, the metastable zone width narrows as temperature increases. This is 
because the solution is saturated at a progressively lower pHs, whereas the 3 hrs nucleation threshold 
is progressively reached at higher pHs as the temperature increases. The narrowing of the metastable 
zone width has implication on the subsequent crystal growth test. It implies that, if seeds must be 
added to a metastable solution to enhance their growth, then for the aluminium hydroxyfluoride 
system it is beneficial to do so at the lower temperatures, even if temperature ramping is involved. 
Previously (chapter 6), the solubility chapter suggested that AHF crystallization is likely to improve 
at increasing temperatures. This further re-affirms the fact that AHF solution at the same pH is more 
likely to crystallize out of solution at higher temperatures. 
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Table 7.3: Crystallization of aluminium hydroxyfluoride hydrate at 
varying temperatures. 
Temp (oC) Mid-pt Equiv pt. Time (hrs) NaOH (ml) 
25 4.6 4.8 1.43 41.95 
30 4.5 4.6 1.52 44.81 
40 4.4 4.5 1.54 45.33 
48 4.2 4.3 1.68 49.37 
60 4.1 4.2 1.99 58.66 
 
 
Figure 7.19 shows the time to reach equilibrium at pH 12 and the caustic volume consumed. It is 
essential to note that all other conditions were the same for each test, except temperature. The 
conditions included; 70 g solution, 2:1 molar ratio of F/Al, 1.67 M caustic and 0.5 ml/min caustic 
dosage rate. The temperatures where kept fairly constant up to ± 5 oC of the set temperature. The 
large fluctuation of temperature observed (Figure 7.20) was contributed by many factors some of 
which were the fluctuation of ambient temperature, the generation of heat from the reaction and the 
fluctuations of heating rate by the thermostat attached to the water bath.  
 
Figure 7.18: The narrowing of the MSZW with increasing temperatures. 
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Though there was some temperature fluctuations, it is not likely to have affected the reaction time 
and caustic consumption. The likely factors that would affect caustic consumption and equilibrating 
time would be the dissociation constant of water, which is known to vary at different temperatures. 
Hence, though more caustic is consumed at the same pH at higher temperatures, the pH is lower than 
at lower temperatures. This partially explains why at the same pHs, the metastable zone width narrows 
at higher temperature. The solutions at the higher temperatures have a higher degree of 
supersaturation when compared with solutions at similar pH but at lower temperatures. 
 
Figure 7.19: Equilibrating time and caustic dependence on reaction temperature. 
 
Figure 7.20 shows the temperature fluctuation and their corresponding pH profile, at the different 
target temperatures. The temperature difference plotted on the primary Y-axis, was obtained by 
subtracting the minimum temperature from the instantaneous temperature. The temperature could be 
said to be fairly constant within ± 0.5 oC of the target temperature. However, the temperature 
increased slightly as the reaction proceeded, due to the neutralizing reaction also occurring. The pH 
profiles were similar, which confirmed that the solution composition was similar and that temperature 
fluctuation had negligible effect on the reaction profile. 
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Figure 7.20: Temperature fluctuation of measurements. 
 Conclusion 
This chapter has examined the metastability of aluminium hydroxyfluoride hydrate crystallizing 
solution. The degree of supersaturation as the starting solution is partially neutralized has been 
modelled at typical crystallization conditions. This method could be used to predict the driving force 
for crystal growth at other conditions, knowing the total ionic concentrations. The distribution of 
species in solution favours the crystallization of the AHF up to pH 5.0, which also corresponds to 
predicted supersaturation for AHF crystallization with minimal co-precipitates. 
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At the conditions modelled, the solution is saturated from pH 3.0 ± 0.5, depending on the 
concentration of starting solution. This was supported by inferences from the titration curve. 
Experimental measurements have supported that the titration curve can be used to estimate the 
metastable zone width for AHF crystallization. The equivalence point corresponds to the saturation 
of AHF, while the mid-point corresponds to the 3 hrs nucleation threshold. Preliminary attempts have 
suggested that the secondary nucleation threshold is very close to the primary nucleation threshold. 
The results obtained also strongly suggest that the metastable zone width narrows as temperature 
increases. 
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CHAPTER 8 
Nucleation and Growth Kinetics 
8 Nucleation and Growth Kinetics 
 Introduction 
This chapter measures the nucleation and growth rates of aluminium hydroxyfluoride hydrate 
crystallization using the partial neutralization method. Previous studies have proposed that the partial 
neutralization method is a promising option for the recovery of the fluoride values of spent pot lining 
(SPL) (Kaaber and Mollgaard, 1996, Lisbona and Steel, 2008). While some of the earlier studies 
suggested the optimum conditions for the crystallization of pure aluminium hydroxyfluoride hydrate 
(Bush and Gaydoski, 1985, Lisbona et al., 2013), a majority of the others were focussed on the 
chemical and physical properties of the compound (Cowley and Scott, 1948, Grobelny, 1977, 
Fourquet et al., 1988, Dambournet et al., 2008a, König et al., 2008). 
The most recent studies using this method, have informed that partial neutralization promotes 
nucleation over crystal growth (Lisbona, 2009). This was said to be due to local supersaturations 
formed at every drop of caustic added, after the solution has reached the nucleation threshold. 
Attempts to promote crystal growth by slow addition of caustic and even reduced concentration was 
unsuccessful and this was confirmed in this study. In spite of the diversity of efforts on this subject, 
none of the previous studies had measured the nucleation and growth kinetics. 
It is the object of this Chapter to provide the crystal nucleation and growth kinetics information, which 
could be applied in crystallizer design. It is a known fact that before visible crystals are formed, 
microscopic nuclei are first produced. These nuclei, come together to form stable clusters which only 
become visible when a critical radius is attained. The stable clusters are also referred to as growth 
units (see section 3.8). If the supersaturation is sustained, the growth units also come together in a 
well ordered manner to form crystals. The production of new growth units is termed nucleation. While 
the addition of growth units to increase the size of the crystals is termed crystal growth. The rate of 
these processes is termed nucleation and crystal growth kinetics, respectively. 
In this Chapter, both nucleation and crystal growth kinetics were measured from the same experiment. 
This method has been previously used by other crystallization studies (Bullen and Mulvaney, 2004, 
Gardner, 1975). 
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 Preliminary studies. 
 Generating supersaturation 
Two methods were identified, for enhancing the supersaturation of aluminium hydroxyfluoride 
hydrate in typical crystallizing solutions. These are; pH control (partial neutralization) and 
evaporation. Solubility charts were generated using the solubility product constant Ksp and the 
enthalpy of reaction data obtained in Chapter 6 and presented in Table 6.6. This was done using the 
speciation software PHREEQC and specifying temperature and pH conditions. The molar solubilities 
were predicted by inputting excess AHF concentration in equilibrium with acid solutions of 
predefined concentrations. The concentration of the acid was then altered to obtain the target pHs. 
Previous observations showed that the modelled data approximated the experimental results (see 
section 6.3.9). 
Figure 8.1 shows the solubility chart for aluminium hydroxyfluoride hydrate - AHF at varying pHs 
and temperatures. The solubility of AHF decreases with increasing pH (at constant temperature). The 
solubility also decreased at increasing temperatures (at constant pH). Figure 8.1a shows the isotherms 
for 25, 30, 50, 70 and 90 oC respectively. This Figure is presented as a semi-log plot with pH on the 
linear scale as the independent variable, and the corresponding solubility on the independent axis, on 
a log scale. The plot shows that a combination of pH increase, followed by temperature ramping 
would be ideal for maximum yields of AHF.  
For example, a starting solution at equilibrium at 25 oC and a pH of 3.0 would have a concentration 
of about 50 g/kg of aluminium hydroxyfluoride hydrate - AHF, which is the solubility at that 
condition. An increase of this pH to 5.0 (by addition of a base) but keeping the temperature constant, 
would reduce the solubility to about 0.5 g/kg. This amounts to a recovery of about 99 %. Increasing 
the temperature in addition to 90 oC keeping the pH constant, would lead to a further reduction of the 
solubility to 0.0025 g /kg, which amounts to almost a 100 % total recovery. 
Figure 8.1b shows the effect of temperature increase at constant pH. The semi-log plot is presented 
for pH 3.0, 3.5, 4.0 and 4.5 over a temperature range of 20 - 90 oC on the independent axis and the 
resultant solubility on a log scale on the dependent axis. This plot shows that temperature increase at 
constant pH, could also be used to induce supersaturation. However the yield would be less than could 
be obtained by pH increase only.  
For example, a solution at equilibrium and at pH 3.0 and an ambient 25 oC temperature would have 
a concentration of about 40 g/kg aluminium hydroxyfluoride hydrate. Ramping up the temperature 
of the solution at constant pH to 90 oC would reduce the solubility to about 0.1 g/kg. Whereas 
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increasing the pH to 4.5 at the same temperature would reduce the solubility by about the same 
amount without the corresponding energy demand.  
 
 
Figure 8.1: Solubility of aluminium hydroxyfluoride in typical starting solutions. a) Isotherms at 
varying pH,   b) constant pH curves at varying temperatures. 
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Figure 8.1 also shows that increasing the temperature of the crystallizing solution would lead to a 
decrease in pH, which has the tendency to increase the solubility of aluminium hydroxyfluoride 
hydrate in the solution. It follows that temperature increase only is unlikely to trigger supersaturation. 
For example, drawing a horizontal line on Figure 8.1a shows that increasing the temperature of a 
solution at 25 oC and pH 5.0, to 90 oC, will reduce the pH to 2.8 and the solubility would remain 
unchanged at 0.4 g/kg solution. To keep the pH constant, a base must be added to compensate for the 
pH drop. The alternative to adding caustic, is to evaporate the water content of the solution as the 
temperature is increased. This makes the solution more concentrated and therefore trigger 
crystallization. 
This implies that pH increase (caustic addition) and water evaporation are the main methods for 
enhancing supersaturation and would be investigated further. Both methods would be utilized in 
measuring the crystal growth kinetics of aluminium hydroxyfluoride hydrate crystallization. This 
chapter explores caustic dosage only, while the subsequent chapter (9) explores evaporation. These 
two methods are part of the general methods listed in Chapter 3, for enhancing the supersaturation of 
solutions for crystallization. 
Choice of crystallization conditions 
Applying the phase rule (Equation 8.1) to the aluminium hydroxide hydrate system and taking the 
acid solution as one component, the total number of components are 4; 
1. Aluminium (Al) 
2. Fluorine (F) 
3. Caustic (NaOH) 
4. Solution (H2O/H2SO4) 
Two phases (solid and liquid) are involved, hence the degree of freedom is 4 
F = C – Pn + 2         (8.1) 
= 4 – 2 + 2 = 4 
Where; F = Degree of freedom, C= number of components and Pn = number of phases. 
The degree of freedom represents the environmental conditions which can be varied independently, 
without changing the number of phases in the system. These are; 
a. pH 
b. concentration  
c. Temperature 
d. Pressure 
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In designing the experiments for testing nucleation and growth kinetics the degree of freedom of 4 
was taken into consideration. This implies that any of the variables could be altered without changing 
the number of phases.  
For the crystallization of AHF by partial neutralization, temperature, pH and pressure were kept 
constant. While the solution concentration was allowed to vary. This made it possible to study the 
effect of supersaturation alone, on the nucleation and crystal growth kinetics. Temperature and 
pressure were fixed at ambient (25 oC and 1 bar) to reduce the energy demand of the process, but a 
favourable pH needed to be determined.  
  
 
Figure 8.2: AHF crystallization profile. At; a) pH 4.6, b) pH 4.8,  c) pH 5. 
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An experiment was conducted to crystallize AHF at varying target pHs. 40g of typical starting 
solutions similar to that described in section 7.4.1, was used. 1.67 M caustic (NaOH) was dosed at 
the rate 0.01ml/min to attain a predefined target pH. This was done in an autotitrator previously 
described in section 7.4.1. Figure 8.2 shows the caustic dosage profile of three of the runs at constant 
pHs 4.6, 4.8 and 5.0. Note that Figure 8.2 b was a different starting solution, but the profile still gave 
useful information. 
NaOH was dosed to supply the hydroxyl (OH) utilized for AHF crystallization. Hence, at any set pH, 
the rate of caustic consumption should be proportional to the rate of AHF crystallization. It was 
expected that at equilibrium, the solution pH will remain constant, likewise the caustic dosage and 
this was observed. The pHs were chosen such that the solution pH was ≥ the 3 hr nucleation threshold 
limit of pH 4.6 (refer to chapter 7). This was to obtain quick crystallization while also ensuring high 
purity. 
Figure 8.3 shows the corresponding particle size distribution of the (slurry) crystals at each set pH, 
while Table 8.1 summarizes the reaction time, mass of product, and volume median size of the size 
distribution. From the obtained results, the duration of AHF crystallization was affected by pH. The 
reaction reaches equilibrium more readily at the higher pHs and hence takes less time to reach 
equilibrium. As presented in Table 8.1 the time to reach equilibrium was reduced by almost half, for 
every 0.2 unit increase in pH. 
Contrary to the observed relationship between set pH and equilibrating time, the product recovery 
was fairly constant irrespective of the final pH and there was no observable trend. The size 
distribution indicated some dependency on the final pH. Though the relationship was slight, the 
results suggested that the average volume median size of the particle distribution increased with 
reducing pH. This is thought to be due to the longer equilibrating time observed at the lower pHs, 
giving the crystals more time to grow. The XRD of these samples confirmed that the products were 
pure AHF phases.   
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Figure 8.3: Particle size distribution of AHF crystallized at pH 4.6, 4.8 and 5.0. 
 
From these observations, it was concluded, that the duration of AHF crystallization, and the particle 
size distribution is dependent on the target pH, but the product recovery is not. Hence pH may be 
useful in controlling the rate of crystallization. These observations, in addition to the metastable 
induction time data from Chapter 7, suggested that pH 4.7 was favourable for the nucleation and 
growth kinetics test. 
Table 8.1: AHF crystallization at varying target pH. 
Final 
pH 
Equilibrating 
time (hrs) 
Mass of 
product (g) 
Recovery  
Wt. % 
Vol. median 
size (µm) 
AHF Crystal 
Phase 
4.6 3.0 1.1 34 19.43 Confirmed 
4.8 1.5 1.4 43 19.02 Confirmed 
5.0 0.5 1.1 34 17.85 Confirmed 
 
 Choice of crystal form 
For the study in this Chapter, AHF crystals in the slurry form were used for the measurement of 
particle size distribution. This was because of the observed aggregation of the AHF particles when 
separated from the mother liquor and dried. Moreover, the method adopted here, required a self-
nucleated crystallization process. Hence slurry crystals were the best form of sample to follow the 
changes in the crystal sizes, without interfering with their as-synthesized properties. A detailed 
Chapter 8 
196 
 
analyses of the advantages and disadvantages of the different forms of AHF crystal when considering 
particle sizing, was discussed in section 4.8.  
 Materials and Methods 
The materials and method were similar to that used for AHF crystallization (section 7.4). 
 Procedure 
1.2 L of the starting solution was pre-dispensed with 240 ml of 2M NaOH to take the solution from 
pH 1.1 to 4.6. This triggered spontaneous nucleation/crystallization of aluminium hydroxyfluoride. 
This initially self-nucleated precipitate (at zero time) acted as the seed. A 10 ml aliquot was separated 
by filtration and weighed. Assuming uniform mixture mass indicated a solid content of 16.1 g/L and 
the surface area was obtained as 0.22 m2/L. Caustic was then dosed at a rate of 10 ml/min to a set pH 
of 4.7 and (15ml) aliquots of the solution was taken at time intervals for analysis. The experiment 
was terminated when equilibrium was reached. Equilibrium was determined as the point where there 
was no pH fluctuation (hence no caustic dosage) for 3hrs. The final mass of the product was then 
calculated gravimetrically to be 29.0 g/L and the surface area of the final product was obtained as 
0.78 m2/L. 
 Analysis 
The instantaneous solution pH was logged per second and later converted to hours. Aliquots of the 
solution were taken at the time intervals listed on Table 8.2. The solution was analysed for elemental 
total concentrations and crystal content. The major solution components measured were Al, Na, and 
S were measured with the inductively coupled plasma atomic emission spectroscopy ICP - AES 
technique. Fluoride (F) in solution was estimated by charge balancing using Visual Minteq version 
3.1 (SIT model) speciation software. This was done by inserting all the measured concentrations and 
pH, then compensating for the charge difference by adjusting the fluoride concentration, till a 
maximum charge balance was attained. A maximum allowable final charge imbalance of 5% was 
adopted. 
The total number of particles in the crystallizer were subsequently determined from parts of the 
aliquots taken. The total number was obtained from measurements of the suspension crystal content 
and their size distribution of the crystals. To obtain the solid mass of the particles, the samples were 
filtered with a filter paper loaded on a filter crucible connected to a vacuum system. The retentate 
was then dried in the oven at 110 oC for 2 hours. The dried mass of crystal was determined by 
weighing. This procedure involved many steps that were prone to error; hence the values obtained 
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are relative rather than absolute. The solid phases (seed and crystallization product), were identified 
using the powder X-ray diffraction technique. Scanning electron microscope was used for imaging 
the seeds crystals and final product.  
Laser light scattering using a Malvern Master sizer/E (Malvern Instruments, Worcestershire, UK) 
was used for particle sizing. It was also used for the specific surface area estimation of the solids 
using geometric analysis. The sizing of the crystals at the time intervals was done using the slurries 
directly instead of the dried particles. This was to avoid agglomeration of the solid as was observed 
from previous trials. The results of the Malvern Mastersizer/E are given in volume percent and are 
rounded to the nearest 0.1 %. Hence for the smaller sized particles, the volume percent are very small 
and are set to zero by the instrument. Therefore, when converting the volume percent to numbers, 
accurate results cannot be obtained for the very tiny sizes. So the total numbers per kg of slurry for 
these experiments were taken as the number greater than 5.2 μm. 
 
 Modelling of nucleation rate 
Using the measured crystal content Mc (obtained as mass of crystal per unit mass of suspension), the 
total number of particles per unit mass of slurry in the crystallizer N was determined using Equation 
8.2. 
𝑵 =
𝑴𝑪
{(𝝅
𝟔
)∗𝝆𝑪𝝁𝟑}
         (8.2) 
Where 𝜇3 is the third moment and is obtained from the crystal size distribution measurements. 
 𝜌𝐶 is the crystal density expressed in kg/m
3.The crystal density was previously measured to be 2.3113 
g/cm3 (section 5.4.4). 
The calculations were conducted using a programme written by (White, 2000). Selected primary 
results are contained in the Appendix (Tables A.3.1 and A.3.2).  
The nucleation rate B was obtained from the slope of a plot of the total number of particles > 5.2 µm 
versus time, defined as Equation 8.3. 
B = dN/dt         (8.3) 
The linear growth rate, G was determined using Equation 8.4 
G = dL/dt.         (8.4) 
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Where L is the representative size of the bulk crystal population. (In this study, L was taken as the 
volume median size). 
And t = time. 
The dependence of the linear growth rate on supersaturation was obtained using Equation 8.5. 
G = KgSg         (8.5) 
Where Kg = Growth rate coefficient. 
S = relative supersaturation and  
g = growth kinetics order 
The dimensionless relative supersaturation ratio (α) was defined as Equation 8.6 
S =  
{𝑨𝒍}{𝑭}𝟐{𝑯+}
{𝑨𝒍}{𝑭}𝟐{𝑯+}𝒆𝒒
 = 
𝑰𝑷
𝑲𝒔𝒑∗
       (8.6) 
Where “{ }” represents the total ionic concentration of the species. The numerator represents the 
molar product at a given time, while the denominator represents the molar product at equilibrium. 
The definition of α in terms of total product was preferred to the definition in terms of ionic activities. 
This makes reproducibility possible as activities depend on the activity coefficient correction model 
and the speciation program used. 
IP = ion product 
Ksp* = solubility molar product constant. 
The dimensionless relative supersaturation (S) was defined as Equation 8.7 
α    = S - 1,  =  
{𝐴𝑙}{𝐹}2{𝐻+}
{𝐴𝑙}{𝐹}2{𝐻+}𝑒𝑞
− 1, =  
𝐼𝑃
𝐾𝑠𝑝∗
 - 1 (8.7) 
 Results 
Results will be shown for a single run at ambient 25 oC and at a target pH of 4.7. The concentration 
profiles of the major solution components present in AlF2(OH) is shown in Figures 8.4 – 8.7. Figure 
8.4 shows the caustic dosage curve obtained over a 24 hrs crystallization period. Figure 8.4a shows 
the caustic dosage profile at constant pH. The initial 12mins is the region were the solution was taken 
from pH 4.0 to 4.7. This triggered spontaneous crystallization producing the seed crystals. 
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Figure 8.4: a) NaOH dosage profile for pH static crystallization. b) Solution supersaturation 
consumption. 
 
As crystallization continued, hydroxyls were taken out of solution resulting to a pH drop. The drop 
in pH was compensated for by the automatic dosage of caustic. This accounts for the increase in 
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was attained and caustic dosage stopped. Figure 8.4b shows the solution supersaturation consumption 
over time. 
 
 
Figure 8.5: Total concentration profile. a) aluminium-Al depletion, b) Fluoride-F depletion. 
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The crystallization of aluminium hydroxyfluoride hydrate resulted in a depletion of its composing 
ions in solution. Figure 8.5a shows the depletion of the total aluminium (Al) molar concentration in 
solution while Figure 8.5b shows a depletion of the total fluoride (F) molar concentration in solution. 
Though the pH was kept constant, the consumption of the hydroxyls - OH was obtained from the 
volume of caustic dosed.  
Table 8.2 shows the concentration profile of the solution as crystallization occurred. Time was 
measured with a stop watch in minutes, then later converted to hours. The pH measurements were 
obtained from the aliquots sampled. These were expected to be representative of the bulk solution 
pH, at the instance measured. 
 
Table 8.2: Solution concentration profile. 
Time  Al F IAP dR/dt α = α - 1 Avg α 
(hrs) pH mol/L mol/L [Al][F]2[pH] mol/hr.L (IAP/Ksp)  Unit less Unit less 
0.0 4.234 0.088 0.429 0.069     
0.2 4.701 0.078 0.415 0.063     
0.4 4.701 0.079 0.411 0.063 0.034 5.80 4.80 4.82 
0.6 4.701 0.073 0.408 0.057 0.033 5.28 4.28 4.54 
0.7 4.704 0.073 0.390 0.052 0.038 4.85 3.85 4.06 
0.9 4.702 0.069 0.387 0.048 0.035 4.49 3.49 3.67 
1.1 4.703 0.074 0.397 0.055 0.022 5.11 4.11 3.80 
2.1 4.701 0.068 0.400 0.051 0.012 4.74 3.74 3.92 
3.1 4.701 0.063 0.365 0.040 0.014 3.69 2.69 3.21 
4.1 4.702 0.063 0.375 0.042 0.010 3.87 2.87 2.78 
6.1 4.701 0.056 0.335 0.029 0.010 2.73 1.73 2.30 
8.1 4.701 0.051 0.326 0.026 0.009 2.37 1.37 1.55 
10.1 4.702 0.048 0.330 0.025 0.007 2.29 1.29 1.33 
23.1 4.701 0.029 0.283 0.011 0.004 1.00 0.00 0.64 
 
Aluminium (Al) molar concentration was obtained by solution analysis using the inductively coupled 
plasma membrane atomic emission spectroscopy (ICP AES), while Fluoride (F) concentration was 
calculated by charge balancing as described in section 8.3.2. Solution supersaturation was calculated 
by dividing the ion molar product (IP) by the solubility molar product constant Ksp*. Mass 
depositional rate was calculated as the first differential of the ionic molar product with time. Relative 
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supersaturation was calculated by subtracting 1 from the supersaturation ratio. Average 
supersaturation was calculated by averaging the supersaturation ratio between successive times. 
 Nucleation kinetics  
The particle (crystal) content along with the particle size distribution were used in estimating the 
nucleation kinetics. Crystal content was expected to increase linearly with time, but an initial slow 
crystallization regime (denoted with A in Figure 8.6) was observed, followed by a quick nucleation 
period (denoted with B in Figure 8.6).  This occurred within the first 30 minutes from the onset of 
nucleation. After which the crystal content increased linearly with time. Figure 8.6 shows the crystal 
content measured at the respective time intervals presented in minutes. The crystal content was 
obtained within the first 6 hours of crystallization is presented. 
 
Figure 8.6: Aluminium hydroxyfluoride hydrate crystal content. 
 
The particle size distribution of the aliquots sampled was assumed to be representative of the entire 
crystal population at the instantaneous time. Figure 8.7 shows the size distribution for the first 6 hours 
taken from the time of spontaneous seed production. An initial period of crystal growth was observed 
in the first 25 mins, where the volume median size increased from 50 µm to approximately 60 µm. 
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This corresponded to the same period of the observed initial slow crystallization denoted by ‘A’ in 
Figure 8.6. The shapes of the crystal size distributions were similar.  
 
Figure 8.7: Particle size distribution of AlF2(OH) crystals obtained.  
 
Figure 8.8 shows the distribution spread, measured by the coefficient of variation (CVv) obtained by 
divining the standard deviation by the mean size of the volume based distribution. Figure 8.8 a shows 
that the spread was the same within ± 1 µm of the measured values in the first 6 hours while Figure 
8.8b shows that the spread was comparable within ± 0.5 µm in the first 1 hour. The increase of the 
spread over the longer period suggests a reduction in the reliability of the size measurements at 
increased times. It is also thought that this could be as a result of the mixed effect of crystal growth 
of smaller particles and the breakage of larger particles over prolonged stirring,  resulting in a  
broadening of the of size distribution. However the observed maximum spread of ± 1µm is considered 
acceptable for the sizing distribution. 
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Figure 8.8: Particle size distribution spread. a) Showing variation over entire time. b) Showing 
region of linearity in the 1st 1 hour. 
 
Figure 8.9 shows a replot of the particle size distribution of Figure 8.7 on the basis of a scaled log 
size. Figure 8.9 was scaled relative to the volume median size for the particle size distribution at each 
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size will be unchanged when the size distribution is plotted on a log scale. This observation was 
replicated at subsequent runs and was not affected by volume of the solution. The particle size 
distribution approximated a normal distribution curve. 
 
Figure 8.9: Scaled size distribution. 
 
The conversion of the volume % size distribution to a number basis was done using Equation 8.2 with 
the aid of an excel program contained in the appendix (Table A3.2). Using this conversion and scaling 
by the measured crystal content, the number of particles per unit mass of the crystallizer content 
greater than a fixed size was calculated. The resultant cumulative number distribution for the six 
samples is shown on Figure 8.10. There were some overlaps of the measured values and seems to be 
an artefact of this method as same was observed by a previous study using the same equipment 
(Rashid, 2011).  
Figure 8.10a shows the complete number distribution converted from the particle size distribution of 
Figure 8.7. Figure 8.10b is zoomed-in to show the irregularity of the particle number size distribution 
data below 5.2 µm. Due to the tiny sizes of the particles below this range, the error in the measured 
values is greatly increased, and hence these values were truncated in the subsequent calculations. 
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Figure 8.10: Cumulative number distribution of aluminium hydroxyfluoride crystals. a) Complete 
data plot, b) zoomed in plot. 
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There were many sources of error for this measurement, one being the assumption that the initial size 
distribution is that of the seed only. As this was a self-nucleated system, it was difficult to separate 
the regime of seed crystallization from that of secondary nucleation. Also there is evidence of possible 
breakages and aggregations even though this is assumed non-existent for calculation purposes. 
The cumulative number distribution was summed for particles > 5.2 µm. If assuming that the fine 
nuclei do not affect the rate of nucleation, the total number of crystals N is expected to increase 
linearly over time with a slope that gives the nucleation rate according to Equation 8.2. This is the 
basis for Figure 8.11. A straight line constraint from the origin was drawn through the data points and 
a value for the nucleation rate B of 9.0 × 1010 (± 80 %) #/min/ (kg slurry) was obtained. The value 
in brackets is the estimated 95 % uncertainty of the result.  
 
Figure 8.11: Plot of total crystal numbers versus time. 
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crystal growth would account for some of the increase in crystal numbers. However this effect is 
assumed to have little effect on the estimations made. 
The nucleation rate at specific time intervals was plotted against the solution supersaturation, to obtain 
their relationship. This is presented on Figure 8.12. A plot of the nucleation rate B against 
supersaturation is expected to give the nucleation rate kinetics and the nucleation rate constant kn in 
an empirical correlation B = kn Sn, where s is the relative supersaturation. From Figure 8.12, the 
nucleation rate constant Kn was obtained as 5× 1010 #/min/ (kg slurry)/ (unit of S). ‘n’ was obtained 
as 0.691, suggesting a first order dependence of nucleation on supersaturation. 
 
Figure 8.12: Nucleation rate versus supersaturation. 
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onset of nucleation. This period is further termed the induction time and denoted with tind. From this 
observation, a model could be proposed as; 
Nucleation rate, B = 0   when t < tind 
Nucleation rate, B = KnS  when t > tind.  
This model is represented by Figure 8.13. 
 
Figure 8.13: Nucleation model. 
 Crystal growth kinetics 
A repeat of procedure described in section 8.3.1 was conducted. Figure 8.14 is a plot of the volume 
median size from the particle size distribution taken at the designated times. The average median size 
is said to be representative of the bulk crystal population and can be used for kinetic studies. (Rashid 
et al., 2012). As observed in Figure 8.14, the median size fluctuated greatly. Given that the solution 
was well mixed, it supports the assertion that nucleation processes were on-going and dominated over 
the growth processes.  
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Notwithstanding, there seemed to be some observable crystal growth in the first 20 minutes of 
crystallization. This was followed by an almost steady reduction in the volume median size. The 
inhibition of crystal growth was associated with the consumption of the solution supersaturation. It is 
expected that maintaining a constant supersaturation could promote crystal growth. One way of doing 
this may involve operating the system on a continuous basis. Where Al and F ions are constantly 
dosed in a similar way as the caustic. This will compensate for the depletion of these components 
from solution. This is likely to come with a cost of increased volume. 
 
Figure 8.14: Typical AHF crystallization volume median size distribution. 
 
Figure 8.15a shows the typical crystal size distribution over time from another set of measurements. 
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growth was observed in the first 8 mins i.e. from sample 1-3 (Figure 8.15b). After time, there was a 
general reduction in size.  This was observed from sample 9 -18 (Figure 8.15c) and most significant 
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reduction in size. The most likely possibility is the attrition of larger particles and the promotion of 
secondary nucleation over crystal growth. Particle grinding is possible as magnetic stirrers were used 
for stirring, and was in contact with the base of the vessel.  
Despite, the observed reduction in particle size, the volume median crystal sizes were within a target 
45 - 100 µm. 
  
  
Figure 8.15: Crystal size distribution. Showing; a) crystal growth from sample 1-5, b) significant growth 
observed from sample 1-3, c) size reduction from sample 19-18, d) Significant size reduction observed 
between sample 9 and 18. 
 
Figure 8.16 shows a plot of the solution de-supersaturation and crystal volume median size against 
time for the same set of data as Figure 8.7. Data is shown for solution sampled for the first 6 hours of 
the total 24 hour run period. Within this period it was observed that there was a sustained increase in 
the median size. This region is used to estimate the minimal crystal growth that occurred. The particle 
size distribution did not increase after this period. In fact, it tended to reduce as time progressed. It 
was not clear why this happened, but the possible reasons could be due to dissolutions, crystal 
breakage or consuming reactions.  
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Figure 8.16: Solution supersaturation and crystal median size. 
 
The growth rate of aluminium hydroxyfluoride hydrate was estimated using the differential method 
(Rashid, 2011). This was done by subtracting the instantaneous volume median size from the initial 
volume median size and dividing by the time interval, to get the average growth rate over the time 
interval. This was correlated with the corresponding solution supersaturation over time. Figure 8.16 
shows the result from a typical run. Error bars are used to show the 95 % confidence interval of the 
result. 
The growth rate G was estimated using the volume median size as 0.8 ± 0.005 µm/hr. As there is a 
possibility of growth rate dispersion, the volume median size is a good representation of the average 
of the bulk crystal; size. The volume median size was chosen as the characteristic size because the 
crystal particle size distribution approximated a normal distribution when volume percent is plotted 
against a log size (see Figure 8.7 and 8.15). The volume median size is obtained as the peak mode of 
the lognormal distribution. The growth rate of the other crystals could be easily obtained by 
multiplying the obtained growth rate G with the ratio (size/volume median size). The aim of Figure 
1
2
3
4
5
6
7
8
9
10
45
50
55
60
65
0 1 2 3 4 5 6
S
u
p
er
sa
tu
ra
ti
o
n
 (
α
)
V
o
lu
m
e 
m
ed
ia
n
 s
iz
e 
(µ
m
)
Time (Hrs)
Chapter 8 
213 
 
8.17 is to obtain the relationship between growth rate and the solution supersaturation, which is 
traditionally expressed as Equation 8.5.  
 
Figure 8.17: Growth rate versus supersaturation plot. 
 
From the result obtained in Figure 8.17, the overall linear growth rate constant Kg was = 0.04 ± 0.002 
µm/hr. unit α. This calculation assumes a first order dependence of growth rate on the supersaturation 
The growth rate constant was close to that obtained from a re-run by ± 0.005 µm/hr unit α. The re-
run was conducted using a seeded batch, and it seemed that seeding did not greatly change the growth 
kinetics. This result is believed to be greatly affected by the overwhelming high nucleation rate and 
hence considered as preliminary data. There were no previous data to compare with the current 
findings, however the method followed, is believed to be useful as a guide for future researches in 
this field. 
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 Conclusion 
In this chapter, nucleation and crystal growth kinetics have been measured. There were no previous 
data of these measurements to compare with the current results. Hence, the data obtained are 
considered preliminary, pending further work and improvements. Notwithstanding, the methods 
adopted give information for future researches in this field. It is expected that solution history will 
play a vital role in variant of results. For an actual industrial application, the particular system needs 
to be tested and the kinetic information obtained.  
As discussed in this chapter, the two main means of generating supersaturation in the AHF system 
are increasing pH (partial neutralization) and evaporation. The pH control method has been tested in 
this chapter, evaporation will be tested in the next Chapter (9). The current result suggests that in the 
pH-static crystallization of AHF using the partial neutralization method, the yield is not significantly 
affected by the target pH. It however has some effect on the time to reach equilibrium and the crystal 
size distribution. The equilibrating time increased with reducing pH. 
Generally, the partial neutralization method promoted crystal nucleation over growth. Nucleation rate 
was measured as B = 9.0 × 1010 #/min (± 80%). While the nucleation rate constant was obtained as Kn = 5× 
1010 #/min/ (kg slurry)/ (unit of α). The dependency of nucleation on solution supersaturation was 
found to approximate a first order process. A nucleation model has been proposed showing an initial 
slow crystal growth period, followed by a rapid nucleation regime that declines almost uniformly 
untill equilibrium. 
Although crystal growth was minimal, it was still measureable. The growth rate constant was obtained 
as 0.04 ± 0.002 µm/hr/unit α. There was no significant difference with a seeded batch. The calculated 
dependency of growth rate on supersaturation suggested a second order process. The reason for the 
minimal crystal growth is thought to be due to quick solution supersaturation consumption. It is 
expected that keeping the solution supersaturation constant, will promote crystal growth over 
nucleation. One of the ways of achieving this will involve running the process in a continuous 
crystallization mode. This implies dosing Al and F containing solutions simultaneously as caustic is 
dosed. This will have to be done at a rate that just compensates for the depletion of these components 
in solution.
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CHAPTER 9 
Evaporative Crystallization and Growth Mechanism 
9 Evaporative Crystallization and Growth Mechanism 
 Introduction 
This chapter uses the solution (water) evaporation method to generate supersaturation and hence 
promote crystal growth. In the previous chapter (8), the two main methods generating supersaturation 
(in this system) was identified as; pH control (partial neutralization) and solution (water) evaporation. 
In this chapter, a seeded batch crystallization process is followed and the growth kinetics is measured. 
Growth kinetics provides a link between crystal growth rates and crystallization conditions. The 
growth mechanisms are also investigated with an aim to providing useful data for crystallizer design.  
Again, the conditions of interest are those likely for the industrial recovery of the fluoride values of 
spent pot-lining in the form of aluminium hydroxyfluoride hydrate.  
In Chapter 8, the partial neutralization method was tested. The limitation encountered was that the 
method promotes crystal nucleation over growth. Small (about 1 µm) sized crystals were obtained, 
which aggregated upon drying to particles of an average volume median size of 85 ± 5 µm. The 
broadening of the size distribution upon drying (section 5.5.3), suggested the aggregates were weak. 
This Chapter looks at strengthening the particles by growing the size of the crystals. 
The small crystal sizes of AHF obtained by partial neutralization was previously observed in the 
studies of Lisbona (2009). This problem was not solved by slow (controlled) addition of caustic or 
by reducing the solution concentrations. In chapter two it was identified that the major limitation to 
recovery of the fluoride values of spent pot lining in the form of aluminium hydroxyfluoride hydrate 
was that the obtained crystal sizes were too small. Hence developing methods for growing these 
crystals became the main focus of the present study.  
Solid deposition/solution de-supersaturation is used to obtain the overall mass growth rate. This was 
considered suitable, given the aggregation of dried particles observed from Chapter 8. Overall mass 
growth rates could be converted to linear growth rates given the crystal density and crystal shape 
factor. In using this method, there is assumption of minimal crystal nucleation. 
In chapter 7, the metastable zone width of typical crystallizing solutions was identified based on pH. 
A narrowing of the metastable zone width at increasing temperatures was also observed. It is a well-
known phenomenon that seeded crystallization within the metastable zone could enhance better 
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controls of crystallization/crystal growth. The following experiments would be using this information 
to manipulate the system to promote crystal growth over nucleation.  
 Materials and method 
The bulk solutions for aluminium hydroxyfluoride hydrate crystallization were made starting with 
300 g of Al(OH)3 (to give 0.3 M ) dissolved in 15 kg of  (0.6 M) sulphuric acid. 323.5 g of NaF (to 
give 0.6 M solution) was further dissolved in the solution. This solution after filtering to remove any 
particulates had an F/Al molar ratio of 2.0.  It is further referred to as the ‘starting solution’. The 
solution was analyzed using the inductively coupled plasma atomic emission spectroscopy (ICP –
AES) technique. The pH of the filtered solution was typically between 1 and 2. From speciation 
calculations (using PhreeqC, a speciation software) this solution is dominated by the AlF2
+ species, 
which is the precursor for AHF synthesis.  
 
 Seed preparation 
The partial neutralization method was used for the seed production. The starting solution was dosed 
with caustic up to a maximum pH of 5.0, at a temperature of 70 oC. Care was taken not to exceed this 
pH to prevent the co-precipitation of sodium-rich fluoro-aluminates like cryolite and chiolite. The 
product was separated from the mother liquor by filtering through a 1µm pore sized filter crucible, 
and then stirred in hot water (initially at 100 oC) for 2 hours, before washing thoroughly with more 
hot water and filtering. Subsequently, 99 % ethanol was run through the filtrate to remove any excess 
moisture and to prevent crystal aggregation during drying. The crystals were dried at 80 oC for 6 
hours in an oven, then left to cool in a desiccator for 24 hours at ambient (25 oC) temperature. Figure 
9.1 shows the scanning electron micrograph of the obtained seed crystals. 
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Figure 9.1: Scanning electron micrographs of aluminium hyroxyfluoride hydrate seed crystal. a) 
Bulk view, b) Enlarged. Note: Micrographs are at different magnifications, use scale bar for 
comparison. 
 
 
b 
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 Working solution preparation 
The working solution was prepared from the starting solution in a similar method as used for the seed 
preparation, except that caustic was dosed only to get the solution saturated (to ≤ pH 4.3). This was 
informed by the identified region of metastability detailed in chapter 7. To verify the absence of any 
possible non-visible nuclei, a sustained non-fluctuating pH of the solution for at least 1 hour was used 
as an indication. 
 Experimental set-up 
The crystallizer used for seed production and working solution preparation was an unlidded 1.4 liter 
glass vessel. The crystallizer was fitted with a thermometer and a pH probe. The crystallizer was 
stirred at 300 rpm and immersed in a constant temperature water bath. The temperature in the bath 
was controlled within ±1 oC of the experimental temperature by a Julabo ED thermo-regulator 
(Seelbach, Germany). A water chiller (Julabo FT200, Germany) was sometimes to reduce 
temperature fluctuations. It was also used for experiments at low temperatures. A schematic diagram 
of the crystallizer-set used, is presented in Figure 9.2. However, the metastable solutions were 
prepared in an autotitrator set-up previously described in section 7.4.2.  
 
Figure 9.2: A schematic diagram of the batch crystallization experiment. Adapted from (Lisbona, 2009) 
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 Crystal growth experiment 
600 g of the metastable working solution at ambient temperature was seeded with 10 g of the AHF 
and seed heated to a set temperature in a water bath maintained at ± 0.1 oC of the set temperature. 
This amounted to a seed concentration of about 17.0 g/L. The solution was stirred at 100 rpm in an 
open vessel to allow for evaporation in a fume cupboard, which provided an additional driving force 
for the crystallization. Aliquots (5 ml) of the solution were taken for chemical analysis at specific 
time intervals, soon after the solution reached the target temperature and the mass of the final product 
was calculated gravimetrically. Experiments were conducted at 25, 50, 70, 85, 90 and 95 oC and the 
solution de-supersaturation followed for a maximum period of 2 hours, which covered the crystal 
growth duration.  The crystal product was collected at the end of the experiment and analysed for 
purity and yield. 
 Analysis 
The solution concentrations of Al, Na, and S were measured using inductively coupled plasma atomic 
emission spectroscopy ICP-AES. Measurements were performed using a Varian Vista Pro ICP-AES 
instrument operating at 1200 W forward power with a Tracey spray chamber and Conical Seaspray 
nebuliser.  Fluoride (F) in solution was estimated by charge balancing using the PhreeqC speciation 
software by inputting the known concentrations of all the other components and solution pH, then 
making up for the anions imbalance with F- allowing for ionic strength adjustment.  
The solid phases (seed and crystallization product) were identified by powder X-ray diffraction, using 
a Bruker Advance D8 X-Ray Diffractometer equipped with a LynxEye detector. The copper X-
Ray tube operated at 40 kV and 40 mA.  The conditions used were 15 rpm rotation, 10-90 °2-theta, 
0.02 degree increment, 1.2 sec/step time per step, 78 min scan time, with a 0.26 degree fixed 
divergence slit and 2.20 degree fixed anti-scatter slit. The resulting traces were processed using the 
Diffracplus Evaluation Package (2009) and PDF-2 (2009).  This software compared the measured XRD 
pattern with that of International Centre for Diffraction Data (ICDD) standard references to detect 
matches with known crystalline compounds.  For AHF the standard reference has been determined. 
Fourquet et al. (1988).  
Laser light scattering using a Malvern Mastersizer/E was used for particle sizing of the seed and 
product. It was also used for the specific surface area estimation. About 1.8 mg of solid product AHF 
was dispersed in 20 ml of water (the cell volume of the sizer) after prior sonication for 1 hr to break 
the crystal aggregates. This product mass was required to obtain the appropriate light obscuration for 
accurate size measurement. Scanning electron microscopy using a field emission scanning electron 
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microscope (FESEM, JEOL JSM 7100F was used to obtain micrographs of the crystal seed and final 
product. The samples were not coated before collection of the SEM images. 
 Modelling of crystallization kinetics 
The dimensionless relative supersaturation (α) for AHF was defined as equation 9.1. 
α =  
[𝐴𝑙][𝐹]2[𝑂𝐻−]
[𝐴𝑙][𝐹]2[𝑂𝐻−]𝑒𝑞
 - 1 = [
𝐼𝑃
𝐾𝑠𝑝
] - 1     (9.1) 
Where “[ ]” represents the total ionic concentrations of the species.  
IP = ion product 
Ksp = Solubility product constant (which is IP at equilibrium). 
The numerator represents the total ionic molar product at a given time, while the denominator 
represents the total ionic product at equilibrium. Total ions were preferred over activities in defining 
the system’s supersaturation as this is directly measured. Activity estimations are dependent on the 
activity coefficient correction model used and also on secondary influences, hence subject to 
variations. 
Crystal growth could be measured by; 1) The direct method, in which the average size of crystals are 
measured over time as they grow or by 2) Indirect method, where the solution de-supersaturation, due 
to the crystallization (growth) of the target crystals is measured over time (Mehta and Batstone, 2013). 
The direct method could not be used in this study due to the observed agglomeration of the dried 
crystals. This is likely to compromise the accuracy of the measured crystal sizes so the indirect 
method was adopted.  
This method has been previously used by (Tait et al., 2009, Hina and Nancollas, 2000). In this method, 
the mass depositional rate in molar concentrations was related to the supersaturation (α) and the seed 
crystal surface area (S), using Equation 9.2. 
𝑅𝐺  =  
𝑑𝑅
𝑑𝑡
.
1
𝑆0
  =  𝐾𝐺(𝛼)
𝑛       (9.2) 
Where RG is the overall mass growth rate in (mmol/m
2.min) 
dR/dt is the rate of solute deposition in (mmol/min),  
KG is the growth rate  constant (mmol/m
2.min)                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                                  
S is the specific surface area of the seed crystal before the initiation of growth in solution (m2 per 
crystal volume L),  
α is the dimensionless relative supersaturation given by Equation 9.1  
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And n is the growth rate kinetics order.  
 
The mass growth rate 𝑅𝐺  could be converted to the linear growth rate G, using; 
𝑅𝐺  =  
3𝜎
𝛽
. 𝜌𝑐𝐺         (9.3)   
Previously presented as Equation (3.16), Where β = Surface area factor 
σ = volume shape factor, and 𝜌𝑐= the solid density of the crystal product. 
 
The shape factors are defined as; 
β =  
𝐴𝐶
𝐿3
 While σ =  
𝑉𝐶
𝐿3
 
Where AC = Crystal surface area 
VC = Crystal volume, and L = Crystal length. 
 
The mass growth % was defined as Equation 9.4 
𝑀𝑝
𝑀𝑠
 × 100         (9.4) 
Where Mp = Mass of product deposited 
Ms = Mass of seed. 
 
 Result 
Although the working solution used in this study was supersaturated with respect to AHF, it did not 
spontaneously self-nucleate for up to 8hrs at the temperatures used. This was observed by an 
unfluctuating pH for over 1hr. However, at longer times (>12hrs), spontaneous nucleation was 
observed by the cloudiness of the solution. This was usually preceded with a drop in pH signifying 
precipitation. This phenomenon (metastability) informed the choice of solution concentration/pH 
appropriate for seeding. It was essential that there was no initial crystallization of AHF before 
seeding, as this will enhance secondary nucleation. It is worthy to note that AHF solubility and to a 
large extent its metastability is mainly dependent on the solution pH, and temperature. Metastability 
specifically, could be affected by secondary influences like, agitation, noise and impurities. Figure 
9.3 shows the pH profile of a typical starting solution. 
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Figure 9.3: pH profile of a typical starting solution. 
 
 Solvent (water) evaporation 
Water evaporation is an alternative to caustic dosage, in generating supersaturation in AHF solutions. 
It has the advantage of circumventing the local supersaturations encountered with caustic dosage and 
was explored in this study. Figure 9.4a shows the rate of solvent evaporation per surface area at 
different temperatures. As expected, evaporation increased with increasing temperatures. The 
observed evaporation at the low (25 oC) temperature indicates that evaporation was promoted by 
airflow, given that the experiment was conducted in a fume cupboard for safety reasons. Equation 9.5 
shows the relationship between evaporation rate and temperatures at the prevailing conditions during 
the test. 
 
Evaporation rate (g/m2.sec) = 0.7 (±0.66) + 0.07(±0.096) × exp[0.049(±0.014)*T(oC)]       (9.5) 
 
Mass growth percent was calculated using as Equation 9.4. Mass of product deposited was obtained 
by subtracting the initial mass of seed from the total mass of product. This definition of crystal growth 
was adopted as the mass of product is dependent on the surface area available for crystal growth, 
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which in turn is dependent on the mass of seed inputted, assuming size independent growth and no 
nucleation. 
The dependency of the Mass growth percent on temperature is shown in Figure 9.4b. The mass growth 
increased exponentially with an increase in temperature. This suggests that growth rates may be faster 
at increased temperatures. The curve on Figure 9.4b was fitted with the regression Equation 9.6, 
which relates the mass % crystal growth between with temperature in oC. The increased growth rate 
at higher temperatures is however attributed more to the higher evaporation rates. 
Mp/Ms  % = 40 (± 4.6) + 0.0094 (± 1.71E-2) * exp[0.1(±0.019)*T(
oC)]          (9.6) 
Figure 9.4c shows the relationship between the mass growth percent and the evaporation rate. It was 
observed that below a certain rate (5 g/m2 sec), evaporation had minimal effect on the yield, but above 
that, the effect was quite significant. The curve on Figure 9.4c was fitted with the regression Equation 
9.7. Figure 9.4d shows a typical solution profile for the crystallization. Aluminium (Al) concentration 
was taken as an indication of aluminium hydroxyfluoride hydrate in solution. The solution de-
supersaturated steadily as crystallization occurred until equilibrium was reach after about 40mins. 
The rate was however influenced by temperature. 
 
Growth % = 38 (± 4.5) + 2 (±1.4) × exp (0.5 ±0.093 × Evap. rate (g/m2.sec))       (9.7) 
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Figure 9.4: Crystallization profiles. a) Evaporation rate b) Yield c) relationship between yield and 
evaporation rate c) typical concentration profile. 
 Relationship between pH and solution de-supersaturation 
It was found that pH change could be used as an indication of solution de-supersaturation. This 
implies that if the solution pH remained fairly constant, the tendency was that the solution remained 
metastable and no crystallization occurred. The consequence is that there would be no crystal growth. 
Figure 9.5 shows an example of such occurrence in Figure 9.5a the pH remained almost constant, the 
consequence (Figure 9.5b) was that the solution supersaturation was consumed so slowly that a trend 
could not be established. Whereas with Figure 9.5c, there was a marked pH change as crystallization 
occurred, this reflected as a well-defined solution de-supersaturation as shown on Figure 9.5d.  This 
made it possible to know which runs were successful or not. This informed the decision of solution 
to proceed to solution analysis, as the analysis was expensive. Only solutions that crystal growth 
occurred were analysed. 
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Figure 9.5: pH changes with solution supersaturation consumption. a) Non changing pH, b) 
corresponding supersaturation profile for (a). c) Changing pH , d) Corresponding supersaturation 
consumption profile for B. 
 
From the observations from Figure 9.5 above, growth measurements were conducted at 25, 50, 70, 
85 and 90 oC Figure 9.5 shows the obtained results. Figure 9.6a shows the measurement at 25 oC, 
conducted over a 2 hour period. The change in Al concentration was used as an indication of 
crystallization. Figure 9.6b & c shows the measurements at conducted at 50 oC and 70 oC respectively. 
These were conducted over the same 2 hour period. The pH profile was used as indicative of 
crystallization. Figure 9.6d shows the measurements at 95 oC conducted over a 1.5 hour period. Al 
concentration profile was the observed. 
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Figure 9.6: solution de-supersaturation observed by pH. At: a) 25 oC, b) 50 oC, c) 70 oC,  d) 95 oC. 
 
From Figure 9.6, it was observed that crystallization was not significant in the measurements at 25, 
50 and 70 oC. The pH Profile of these runs showed a very slow decline and as observed in Figure 9.5, 
this suggested minimal crystallization/crystal growth. Perhaps over a longer period, there could be 
significant crystallization but this would not be practical for an industrial process. Solution analysis 
for the measurement at 25 oC and 95 oC was conducted to confirm the hypothesis of the dependence 
of crystallization on the pH profile. Figure 9.4 confirmed this. Hence the solutions for the runs at 50 
oC and 70 oC were not analysed. 
Considering lag time to equilibrium and magnitude of crystallization/growth, measurement at 85 oC 
was found to be the best of the measurements made, and would be used as the model test. Figure 9.7 
shows the solution profile of this run. As expected, seeding the supersaturated solution triggered the 
transport of growth units from solution and solute surface. The system came to equilibrium in about 
30 mins.  
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As the crystallization/growth occurred, the composing ions of AHF depleted from the solution untill 
a constant concentration. The solution Aluminium (Al), Fluoride (F) and hydroxyl (OH) composition 
(observed by pH), showed a similar trend. They all declined exponentially with time, with an initial 
quick fall which slowed down as the system tended towards equilibrium. The F/Al molar ratio was 
constant throughout the crystallization run, which showed that the crystallizing compound was AHF 
only. Though the Fluoride was measured by charge balancing, previous observations have shown that 
this is usually sufficient for indicative purposes. 
Figure 9.7a shows the pH reducing as crystallization/growth occurs, while 9.7b and 9.7c shows the 
Al and F depletion from solution and deposition on the seed crystal surface, respectively. Generally 
the solution became more acidic as crystallization occurred. In Figure 9.7a, the starting solution at 
time zero was at pH 4.5. As AHF precipitated out of solution, the hydroxyls where taken out of 
solution to form the growth units according to the reverse dissociation (association) reaction 
represented by Equation 7.1. This led to a progressive reduction in the solution pH to a constant at 
about pH 2.7. The amount of Al and F, crystallizing from the system was calculated by subtracting 
the initial composition with the instantaneous compositions over time.  
On the contrary, the concentration of sodium (Na) and sulphate (S) was observed to increase over 
time (Figure 9.7d). This increase was near linear and did not follow the same exponential trend as the 
Al, F or hydroxyl composition. Although generally equilibrium was reached in the first 30 mins, 
based on the composition profile of Al, F and OH, this was not very visible from the Na and S 
composition. The later seemed to increase independent of the former. This is due to steady solution 
(water) evaporation, making the solution more concentrated. Figure 9.7d shows an increase of S 
(SO4
2-) from ~ 480 mmol/L at time 0 to about 530 mmol/L in 60 minutes and an even higher increase 
in solution composition of Na from about 900 mmol/L to 990mmo/L within the same time span. 
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Figure 9.7: Typical solution composition profile over time. a) Acidity increases as AHF crystallizes, b) 
Depletion of Al/F from solution due to AHF crystallization, c) Deposition of Al/F, d) Increase in S 
(SO4
2-) and Na concentration. 
 Crystal growth kinetics 
Table 9.1 was used to calculate mass depositional rate from solution to solid surface. The overall 
mass growth rate (RG) is said to be the rate of mass deposition per seed surface area (Equation 9.2). 
Though the run at 85 oC was used as the model run, the observed trend was reproducible across 
several runs even at other temperatures. 
The overall mass growth rate (RG) using solution de-supersaturation was the method adopted for 
measuring the growth rate. It measures the rate of mass deposition per seed surface area (Equation 
9.2). The mass depositional rate (dR/dT) showed a power-law dependence with the relative 
supersaturation (α). Results were obtained from 3 sets of experiments; 85, 90 and 95 oC. There seemed 
to be some trend with temperature but was slight, hence was treated as inseparable.  
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Table 9.1: Typical solution concentration profile from the model 85 oC run. 
Time Al F OH × 10 -9  α  dR/dT 
(mins) mmol/L mmol/L mmol/L IP/Ksp (IP/Ksp) -1 Avg α (mmol /min.L) 
1 164 471 272 74.6 95.7   
2 164 460 267 69.4 93.0 94.4  
3 162 451 207 51.3 69.7 81.4 0.57 
5 161 425 151 32.9 49.3 59.5 1.12 
7 158 428 43 9.3 12.5 30.9 0.86 
9 158 430 20 4.4 5.3 8.9 1.07 
11 156 447 15 3.6 3.6 4.5 0.87 
13 152 416 12 2.4 2.4 3.0 0.85 
18 152 418 7 1.4 1.0 1.7 1.06 
23 154 414 6 1.2 0.8 0.9 0.73 
28 151 414 5 1.0 0.4 0.6 0.48 
33 148 406 5 1.1 0.2 0.3 0.50 
43 151 412 4 1.2 0.1 0.1 0.52 
63 152 415 3 1.2 -0.1 0.0  
 
From the plot of (dR/dT) versus α (Figure 9.8), the growth rate order (n) was calculated from the 
slope of the chart and obtained as 0.25. The overall growth rate constant (kG) was like-wise obtained 
from the intercept of the chart as 0.08 mmol/m2.min, according to Equation 9.2. This was converted 
to the overall linear growth rate growth according to Equation 9.3 and obtained as 0.26 ± 0.05 
µm/min/unit α or 16 ± 3 µm/hr/unit α having previously obtained the crystal density as 2.311 
kg/m3and using the shape factor for cubes given as β/σ = 6. 
No prior work could be found for comparison with the current kinetics results. However, the obtained 
linear growth rate of 0.26 µm/min/unit α seems realistic and consistent with the observations from 
the crystal micrographs (Figure 9.11). This infers that only minimal growth occurred before the 
system attained equilibrium. KG is affected by experimental conditions like, temperature, stirring rate 
and seed charge. Hence this is expected to vary, depending on the other influencing conditions. 
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Figure 9.8: Relationship between molar deposition rate and supersaturation. 
 
 
 Crystal growth observation 
It was also possible to observe the overall crystal growth by comparing the crystal size distribution 
of the seed with that of the product. The increase in crystal size was visible from the particle size 
distribution. The particle size distribution curve for the model run is shown on Figure 9.8, where the 
product showed a significant shift towards the right. This is plotted as a volume distribution on 9.8a, 
as a cumulative weight above the critical size on Figure 9.8b and as a number distribution on Figure 
9.8c.   
As this method targets overall (bulk) size growth, the volume median size of the distribution could 
be used to examine the growth magnitude. As observed, there was an increase from 183 μm to 224 
μm, this represented a growth of about 23 %. The volume median size could be taken as the 
characteristic size of the bulk crystals, as it is the peak (mode) of the log-normal distribution when 
plotted against log size (Rashid et al., 2012).  
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Figure 9.9: Typical laser light scattering, particle size distribution of seed and product. a) Vol. % 
distribution, b) Cumulative size, c) Cumulative number distribution. 
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A decrease in the crystal number over the crystallization period, suggested that crystal growth was 
promoted over nucleation. In fact zero nucleation was measured. Figure 9.10 shows the change in 
crystal numbers from seed to product for a typical run at 90 oC. The crystal number decreased from 
2.80 × 1013 to 2.42 ×1013, suggesting a combination of crystal growth and agglomeration. The 
existence of agglomeration was confirmed by the crystal micrographs on Figure 9.11, which indicated 
both a size increase and the agglomeration of particles.  
The promotion of crystal growth over nucleation was in sharp contrast with the partial neutralization 
method, which promote nucleation over crystal growth. Recall that the crystal size distribution using 
the partial neutralization method, showed an increase in the number of crystals from seed to product 
(Figure 8.11). This showed a major distinction between the outcomes of these two methods. 
Therefore, the choice of on these methods would depend on the priority of the crystallization process. 
In this project, the aim was to investigate means of crystallizing aluminium hydroxyfluoride hydrate, 
promoting crystal growth over nucleation. Hence the solution evaporation method, met this goal much 
better than the partial neutralization method. However, it comes with the cost of high energy demand. 
 
 
Figure 9.10: Decrease in the crystal number. For a growth run at 90 oC, using the solution (water) 
evaporation method. 
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Increase in the size of crystals (growth) can also be observed from their micrographs. Figure 9.11 
shows the micrographs of the obtained crystals from one of the runs at 85 oC. The crystal product was 
about three times larger than the seed crystals (Figure 9.1). Two batches were tested with starting 
solutions within the metastable limit of pH 4.3 and 4.4; seeded and unseeded (self-nucleated) batches 
respectively. Figure 9.11a and b shows the micrographs of a typical seeded batch in the bulk crystal 
mass and enlarged view, respectively.  
The seeds used were common history (CH) seeds, obtained from the same batch as described in 
section 2.2. The products on Figure 9.11a and b showed observable growths especially in the vertical 
{001} direction. The seeds started off as flat cubic crystals in Figure 9.1 and grew to become well-
formed octahedra (Figure 9.11a and b). The crystals were of consistent sizes indicating uniform 
growth. This validates that the solutions at pH between 3.0 and 4.5 were metastable and hence 
promotes crystal growth over nucleation.  
Figure 9.11c is the micrograph obtained from the self-nucleated batch in the bulk crystal, while Figure 
9.11d is the enlarged for clearer view. As observed, though there was significant increase in crystal 
size when compared with Figure 9.1, there was also the production of many small nuclei, suggesting 
secondary nucleation. This further confirms that the solutions are metastable between pH 3.0 and 4.5. 
Hence, in the absence of seed crystals, inducing crystallization by temperature increase and 
evaporation would lead to secondary nucleation first, then growth on the formed nuclei. 
The crystals formed from the self-nucleated batch, had more growth in the lateral {110)} direction 
than in the vertical {001} direction. This observation can be used in targeting the quality of the 
products desired. It is a well-known phenomenon that crystal morphologies affect their physical 
qualities such as flow, packing and dust. 
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Figure 9.11: Crystal growth product. (a) Seeded batch (b) enlarged view of ‘a’. (c) single crystal 
view of ‘a’ d) self-nucleated batch   e) enlarged view of ‘d’  f) single crystal view of ‘d’ Note: 
Micrographs are at different magnifications, use scale bar for comparison. 
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 Solid Characterization 
The obtained AHF crystals (seed and products) were identified using the powder X-ray diffraction 
technique. This was to confirm that the products were pure and no impurities co-precipitated. Figure 
9.12 shows the XRD of the crystals; they all matched very well with that of the standard reference 
for aluminium hydroxyfluoride hydrate - AHF as contained in the library of the international centre 
for diffraction studies, PDF card No: 01-078-2259 (Fourquet et al., 1988). No other peaks were 
observed and this suggested a purity of up to 95 %. On the same note, the clear/light XRD background 
suggested the absence or minimal content of any possible amorphous impurities. 
 
 
Figure 9.12: XRD of typical seed and product. 
 
The obtained hexagonal morphology of the product crystal is a direct propagation of the unit cell 
structure (Figure 9.13a) of aluminium hydroxyfluoride hydrate. The phase (seed and product) 
synthesized in this is work is the AlF3-x(OH)x type exhibiting the cubic pyrochlore framework. It 
belongs to the cubic crystal family, and arranged in a network of corner sharing Al(F,OH)6 octahedral 
10 20 30 40 50 60 70 80
A
.U
2θ
Seed Product
Chapter 9 
236 
 
forming a channel (Dambournet et al., 2008a). This compound can exist as a hydrated or anhydrous 
salt with the water molecules located in the tunnels formed by the arrangement of the network.  
The crystals obtained from this study Figure 9.1 and 9.11 show an improvement in the morphology 
when compared with that obtained from previous studies (Figure 9.13b) (Lisbona, 2009, Lisbona and 
Steel, 2008). The improvement is likely because model solutions were used for the crystallization in 
this study, thereby minimising the possibility of impurities. The micrograph on Figure 9.13b was 
obtained from crystallization of AHF from industrial solutions and grown by controlled neutralization 
using an organic base (Lisbona, 2009). There was greater possibility for co-precipitation of impurities 
and this may have affected the shape of the obtained crystals. In this study, it has been possible to 
observe the hexagonal morphology of AHF when crystallized from typical starting solutions. This 
has also made it possible to observe the growth habit from flat cubic seeds. 
 
 
 
Figure 9.13: Aluminium hydroxyfluoride crystal hydrate. 
a) Unit cell structures (Dambournet et al., 2008a),  b) SEM of crystals  (Lisbona, 2009). 
 
 Crystal Habit and growth mechanism 
This section examines the crystal habit of aluminium hydroxyfluoride hydrate, and gives information 
on its growth mechanism. It also compares the observed habit with literature information on its 
crystallographic properties. The aluminium hydroxyfluoride phase (seed and product) synthesized in 
this is work is the AlF3-x(OH)x type exhibiting the cubic pyrochlore framework structure. The network 
is made of corner sharing Al(F,OH)6 octahedral forming a channel. Each unit has aluminium at the 
centre with a variable F/OH at the corners. This F/Al variability was attributed to the distribution of 
the O and F atoms on the 48f site (Dambournet et al., 2008a). 
a b 
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The crystal seeds and product obtained in the growth kinetics test in section 9.3, were examined using 
the scanning electron microscope. They were prior identified using the powder X-ray diffraction 
technique, to verify that there were no co-precipitates. 
 Crystallographic properties 
The crystallographic properties of the synthesis product were examined using Young’s software. 
Figure 9.14 shows a schematic of the network orientation as resolved from the Rietvield refinement 
of the X-ray diffraction pattern. The crystallite size was estimated to be about 249.8 nm with a crystal 
density of 2.471g/cm3. The grain size was calculated to be ~40 nm, i.e. about one-sixth the crystallite 
size. A summary of the crystallographic data compared with prior literature is presented on Table 9.2. 
 
Figure 9.14: The basic unit of AHF crystals in its cubic structure. Viewed along the 110 direction. 
The crystallographic properties of the synthesis product were very similar to that of prior literature. 
This fully hydrated phase allows the proposal of the following model; 
Al is located on the 16C position (0, 0, 0) 
O1 and F are located on the 48f positions (x, 0.125, 0.125) where xo and xF = 0.329 and 0.310 
respectively. 
Al 
F/OH 
O
water
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H1 from the hydroxyls is located on the 48f position (x, 0.125, 0.125), XH = 0.310 
O2 is located on the 8b positions (0.310, 0.125, 0.125) 
And H2 is located on the 96g position (x, x, z) as (0.318, 0.318, 0.432) 
Subscript 1 and 2 signifies atoms in the hydroxyl group and in the water of crystallization, 
respectively. 
Table 9.2: Crystallographic data of aluminium hydroxyfluoride hydrate. 
*This study  #(Dambournet et al., 2008a), +(Fourquet et al., 1988). 
Atom Site X Y Z Occupancy 
Al 16c 0*,  0# 0*, 0# 0*, 0# 100*,  100# 
F 48f 0.329*, 0.3124# 0.125*, 0.125# 0.125*, 0.125# 22*, 100# 
O1 48f 0.310
* 0.320+ 0.125*, 0.125+ 0.125*, 0.125+ 78* 
O2 8b 0.375
* 0.375# 0.375*, 0.375# 0.375*,0.375# 74*,  58# 
H1 48f 0.310*, 0.399+ 0.125*,0.125+ 0.125*, 0.125+ 78* 
H2 96g 0.318
*,0.366+ 0.318*,0.366+ 0.432*,0.260+ 74* 
Structural data  
Space group Fd-3m* Fd-3m# Fd-3m+  
Unit cell constant 9.879 (1) Å* 9.7309 (1) Å# 9.861 Å + 
 
The scanning electron microscope images showed that the crystal have well defined morphology. 
Alumnium hydroxyfluoride hydrate is said to belong to the cubic crystal family (König et al., 2008) 
and this was observed in the micrographs from this study. Generally the crystals seemed to be of the 
same size, though with slight variations. They generally averaged at about 1µm and grew to double 
and sometimes triple this size. Generally the micrograph of the product was very similar to that of the 
seed with only slight variations due to faster growth of some crystal faces over others.  
AHF seeds and products prepared at high ( > 50 oC) temperatures where more crystalline than seeds 
prepared at low (< 30 oC) temperature. Figure 9.15 shows the micrograph of seeds and product 
obtained at 25 oC and > 50 oC respectively. The crystals obtained at higher temperatures had more 
defined morphology and showed lesser size variations. It suggests that at higher temperatures, the 
growth units have more energy to migrate to the most convenient location on the crystal lattice. This 
location is usually dictated by the intrinsic characteristic of the given crystal (Mullin, 2001). 
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Figure 9.15: AHF SEM micrograph of aluminium hydroxyfluoride hydrate. a) Seed obtained at 25oC    
b) Products obtained at 25 oC, c) Seed obtained at 80 oC, d) Product crystal obtained at 80 oC. 
After the reaction of the complexes that form the stable aluminium hydroxyfluoride hydrate basic 
unit, and the subsequent joining together of many units to form a stable nuclei (growing units), 
diffusion becomes the principal influence in transporting this unit to a stable crystal face for 
integration. Upon arrival at the crystal lattice, there seems to be a migration of the growing unit over 
the crystal face, for a suitable point of integration. This concept is based on thermodynamic reasoning 
and is taken from the Gibbs-Volmer adsorption layer theory.  
The atomic layers tend to link in positions where the attractive forces are greatest and these points 
are referred to as the active centres. Growth continues on these active centres until a face is completely 
built. Continuous growth is promoted by the formation of new ‘crystallization centres’, which could 
be from nuclei formed by primary or secondary nucleation, seeds or fragmented crystals. Crystal 
fragmentation could be cause by attrition due to stirring. 
d 
a b 
c 
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Figure 9.16: SEM micrograph of AHF showing layered growth of the crystals. a) Micrograph with new 
layers starting to form, b) Micrograph of a completed layer-grown crystal resulting to the formation of the 
inherent morphology of the crystal, c) Filling of a defect on the AHF crystal.  d) Idealised fault filling schematic. 
 
Three mechanisms have been identified to account for the reaction (integration) of the aluminium 
hydroxyfluoride hydrate growth units into the active sites. These are, the inherent crystal orientation 
(layer growth), fault (defects) filling and screw dislocations. There is also a fourth mechanism which 
involves the intertwining of stable crystals together to form an aggregated larger crystal. This has 
been described as composite crystals and twins (Mullin, 2001). Figure 9.16a shows growth units 
arranging themselves to form the well-defined morphology of the AHF crystal according to its 
inherent characteristic Figure 9.16b.  
Defective crystals are known to grow back to its original shape, after which its rate of growth slows. 
This is the phenomenon known as fault filling. Attractive forces are highest at these faults; hence they 
become very active sites, attracting growth units till the defect is covered. This has also been observed 
a b 
c d 
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in this study. Figure 9.16c shows several growth units around a fault site on a defective AHF crystal. 
This is phenomenon is idealised on Figure 9.16d.  
The fault could have been caused by attrition due impact by the stirrer or by friction between crystals 
and the crystallizer walls. The filling of this fault is expected to continue until the original crystal 
shape is restored. This continuous filling leads to an overall growth of the entire population. Many of 
these faults could occur, depending on the stirring speed, the reaction surface, the solution and 
impurities and even the crystal characteristics. Rough surfaces of stirrers and crystallizer vessels are 
likely to enhance crystal attrition.  
Crystals do not always grow in the ideal layer-by-layer fashion. This was first postulated by Fank 
(1949). There are always imperfections within the crystal population distorts the uniformity of the 
bulk crystal. The propagation of these imperfections is known as screw dislocation. It is said to be an 
important mechanism for growth since it negates the necessity for crystal growth centres or surface 
nuclei. In fact it was found to be the greatest mechanism for AHF growth. Figure 9.17 shows a typical 
scenario of screw dislocation. In the first scenario (Figure 9.17a) the screw dislocation is just starting. 
In the second (Figure 9.17b) the dislocation is propagated by the building up of this defect by growth 
units, leading to the lengthening (growth) of several crystal faces. This results to crystals that are 
somewhat different, but joint together with strong ionic forces that they can be considered as one. 
This resultant crystal is usually much longer than the average crystal size. 
Intertwining is another observed phenomenon of AHF growth. This occurs as the intergrowth of 
different crystals similar in form, and joint almost symmetrically about a plane or axis. Figure 9.17c 
& d shows the intertwining of AHF crystals, forming a big inseparable but irregular crystal. Such 
intertwines cannot be separated, without destroying the individual crystals. This phenomena has been 
observed in fluorspar (CaF2) and potash alum (K2SO4.Al2(SO4)3.2H2O) (Mullin, 2001). The 
formation of crystal clusters is said to be frequently encountered occurrence in industrial 
crystallization and is caused by many possible factors. Some of which include, poor agitation, 
environmental influence by other ions present, high supersaturation and presence of too many seeds 
leading to crowding (Mullin, 2001). However, in the absence of all the listed causes, this phenomenon 
could still occur, leading to the assertion that there is still some knowledge gap, in this regard. 
Chapter 9 
242 
 
  
  
Figure 9.17: Aggregated AHF crystals. a) Start up screw dislocation, b) Propagated screw dislocation, 
c) Intertwined crystals, d) Defect inter-growth. 
Formation of AHF crystal clusters, aggregates or conglomeration is responsible for the higher particle 
size measurements from the Malvern master sizer compared to the micrographs. Though the average 
crystal size (from SEM) is between 1- 3 μm, the volume median size from the laser scattering sizing 
is about 44 μm. This suggests and average of 22 about crystals held together in each Cluster. It is 
worthy to note that sonication for 2 hours prior to measurement, could not break these clusters are 
they were not just mere agglomerates. It is worthy to note the difference between agglomeration and 
aggregation. The former involves different crystals rigidly held together by growing together usually 
with a reduction of surface area. The latter refers to particles loosely held together, resulting in an 
increase of surface area (Nichols et al., 2002). 
a 
c 
b 
d 
Chapter 9 
243 
 
  
 
 
 
 
 
 
 
Figure 9.18: Crystal morphology of aluminium hydroxyfluoride hydrate. a) Typical product from self-
nucleated crystal growth, B)Typical product from seeded growth, b) Idealised product from self-
nucleated growth, d) Idealised product from seeded growth runs, e) Idealised AHF seed crystal and the 
possible directions of growth. 
 
AHF crystals from this and previous studies can be said to have the same morphology. It basically 
has a rhombic structure belonging to the cubic crystal family (Fourquet et al., 1988). This has been 
observed by (Fourquet et al., 1988, Dambournet et al., 2008a). The most dominating growth 
010 
01̅0 
100 
1̅00 
001̅ 
001 
a b 
c d 
e 
Chapter 9 
244 
 
mechanism is layered growth. This occurs in a manner that propagates the inherent characteristic of 
the crystal.  This could occur in all three axis, however the rate of growth in all axis is not the same. 
The growth of different crystal faces at different rates is a well-known phenomenon. The result of 
this is that the final product could look much different from the seed. However, it still usually retains 
the basic morphology of the crystal.  
From its basic rhombic structure, AHF could grow in all three axis. Growth in the horizontal direction 
(X and Z-axis ie 100, -100, 010, 0-10) results in a flat, platelike crystal. This type of crystal is more 
susceptible to attrition and breakage. Growth in the vertical y-axis (i.e. 001 and 00-1) results in an 
octahedron morphology of the final product. It has been observed that the horizontal growth occurs 
uniformly in the X and Z direction. Hence the rhombic shape is conserved. If this was not the case, it 
could result in the elongation of the crystal to a (find name of shape) type structure. It was also 
observed that growth in the vertical axis is manly in the apex. This results in a pyramidal type 
structure, rather than a prismic type structure.  
Growth of AHF crystals from seeding has been observed to be different from growth from self-
nucleated solutions. While seeding tended towards growth in the vertical direction, resulting in a 
prismic type structure, self-nucleated solutions tended towards horizontal growth. Figure 9.18 shows 
these differences and an idealised description of the different growth habits. The exact reason for this 
preference is unknown, as the solution concentration and composition were the same in both cases. 
However, there was more supersaturation in the self-nucleating instance, which also yielded more 
secondary nuclei. This is the only identified possibility for the differences in the observed growth 
habit. 
 Conclusion 
Aluminium hydroxyfluoride hydrate crystallization could be improved using the evaporative method 
proposed in this study. This method promotes crystal growth over nucleation which is opposite to the 
partial neutralization method. In fact zero nucleation was measured in this study. While water 
evaporation had the main influence on enhancing supersaturation, temperature was equally important. 
Favourable temperatures were > 70 oC. Generally this method produced crystals of more well defined 
morphology than the partial neutralization method, but with a cost of higher energy demand. 
The crystal growth kinetics had a first order dependence on solution supersaturation. With the 
supersaturation expressed as a relative supersaturation in total molar concentrations units, the overall 
growth rate constant kG value was of 0.08 (mmol/m
2.min) which when converted to linear growth 
rate approximated 0.3 ± 0.05 µm/min unit α. This was three orders of magnitude higher than the 
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growth rate of 0.04 ± 0.002 µm/hr/unit α measured using the partial neutralization method. The 
obtained overall linear growth rate was consistent with the observation of the crystal micrographs, 
and provides pioneer data for future studies.  
Crystallization was quick and completed within 30 minutes. Within this period there was a tripling 
of the crystal size. A drop in solution pH was useful as a quick indication of the extent crystallization. 
The results from this chapter supports the findings in chapter 7, that typical AHF starting solutions 
are metastable between pH 3.0 and 4.5. The crystallization kinetics seemed to have slight temperature 
variation but was small enough to be approximated. 
The crystal habit is hexagonal but starts off as flat cubic crystals. This habit is a direct propagation of 
the unit cell structure as AHF belongs to the cubic crystal system.  Crystallization at high temperatures 
seems to produce more crystalline and possibly purer crystals. The crystal structure consisted of 
corner sharing Al(F,OH)6 hexagon forming a channel, with water molecule inside and attached to the 
F/OH molecules. The F/OH molecules were randomly attached to the Al. This accounts to the variable 
formula of AHF. The observed phenomenon is thought to be due to the closeness in size of the F and 
OH molecule. 
Three mechanisms were identified for AHF crystal growth; the inherent crystal orientation (layer 
growth), fault (defects) filling and screw dislocations. Seeding crystallization seemed to promote 
vertical growth, while self-nucleation crystallization promoted lateral growth. A basic design of the 
crystallization scheme using the solution evaporation method will include but not limited to a, pre-
mixer for solution preparation, a fluidised batch crystallizer with openings for controlled evaporation, 
an indirect but uniform heating mechanism, an optional seed recycle system, and a product 
treatment/handling set-up.
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 CHAPTER 10 
Crystallization Process Design 
10 Crystallization Process Design 
 Introduction 
The aim of measuring the crystallization kinetic parameters of aluminium hydroxyfluoride hydrate in 
typical starting solutions, is to provide useful information for the design and operation of a suitable 
crystallizer/crystallization process. This chapter outlines procedures that can be used in carrying out 
selected design calculations, with a view to further development in future studies. 
To design a crystallizer, there are some useful information that must be specified, these include 
appropriate solvent, solubility in the chosen solvent, methods of generating supersaturation, 
metastable zone width (MSZW), nucleation and growth kinetics. A specification of the target product 
properties (example particle size, crystal morphology, etc.), as well as yield and purity. For a 
commercial process, the plant capacity is usually defined in terms of the production rate. This 
definition should make sufficient allowances for downtimes such as; cleaning, routine maintenance, 
equipment or process failure. 
 Summary of Measured data and utilization 
The information obtained from previous chapters that are relevant to crystallizer/crystallization 
process design are summarized below. Some of the data are presented in the form of equations for 
the ease of subsequent use in the design calculations. 
 
 Solution /solubility 
Typical starting solutions for aluminium hydroxyfluoride hydrate crystallization are made by 
digesting the appropriate aluminium (Al) and fluoride (F) containing compounds of SPL in acid, then 
crystallizing AHF by partial neutralization using an appropriate base. Sulphuric acid (H2SO4) and 
sodium hydroxide (NaOH) are the typical acid and base used in this process. Other acids like HCl, 
HNO3 etc. and other bases like NH3OH, KOH etc. could also be used.  The conditions and possibility 
of co-precipitation have to be considered for the particular set of reactants, impurities and solvents 
used. Part of the reason for the choice of sulphuric acid and caustic in this study, was to keep the 
process as cheap as possible.  
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The composition of the starting solution was found to be critical in determining the purity of the final 
product. Gibbsite (Al(OH)3) is likely to co-precipitate if the F/Al molar ratio (of the starting solution) 
is less than 1.5, while cryolite co-precipitation is likely when the F/Al molar ratio is greater than 2.5. 
An optimum F:Al molar ratio of  2 ± 0.5 was confirmed in this study. 
 
Figure 10.1: AHF solubility reduces with increasing temperature at a fixed pH. 
 
When using caustic (NaOH) as the neutralizing base, the amount of sodium (Na) becomes critical. 
The optimum amount of caustic can be controlled by monitoring the hydroxyls it releases into solution 
by adjusting the pH of the solution. In this study, a final solution pH of 4.0 to 5.0 was confirmed to 
be favourable for obtaining pure AHF, devoid of sodium rich fluoro-aluminate co-precipitates. The 
full details of the crystallization conditions used in this study is presented in Chapter 5. 
Figure 10.1 is a copy of Figure 6.4a and shows the experimentally measured solubility of aluminium 
hydroxyfluoride hydrate in typical acidic starting solutions. For predictions of further molal 
solubilities at conditions not measured, the obtained solubility product constant (section 6.3.5) can be 
inserted in a speciation programme (e.g. PhreeqC) and the molar concentrations at equilibrium 
(solubility) determined, at the conditions of interest. 
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Figure 10.2 shows the solubility product constant (Ksp) of aluminium hydroxyfluoride hydrate at 
temperatures between ambient 25 oC and the solution boiling point of about 102 oC. This is plotted 
from the data of Table 6.11 and was correlated by Equation 10.1 This correlation is considered to fit 
the true solubility constant product within ± 5 %. 
 
Figure 10.2: Solubility product constant of aluminium hydroxyfluoride at varying temperatures. 
 
pKsp = 24.02 (± 0.02) + 0.0117 (± 3.4× 10
-4) *T    (10.1) 
Where; p = (- log10), Ksp = Solubility product constant, and T = temperature in 
oC. 
 Generation of supersaturation  
The means of generating supersaturation is one of the first choices to make, when designing a 
crystallizer and a crystallization process. The appropriate means of generating supersaturation 
depends on the inherent characteristics of the system being studied. The aim is usually to adopt a 
means of getting out as much of the target crystal material within the shortest time practical, while 
keeping all other solution components (e.g. impurities) dissolved in the solution. From the foregoing, 
it implies that the methods or combination of methods that lead to high yields of the desired product 
at high purity with the quickest kinetics is the sought after supersaturation generation approach. 
y = 0.0117x + 24.019
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Several general methods for supersaturation generation were highlighted in Chapter 3 which 
included; temperature control, solution evaporation, chemical reaction and salting out. All of these 
methods can be applied to the aluminium hydroxyfluoride hydrate crystallization from acidic 
solutions but the first three were applied in this study.  
Most inorganic salts have increased solubility at elevated temperatures, but the reverse is the case for 
aluminium hydroxyfluoride hydrate. As discussed in Chapter 6, at constant pH the solubility of 
aluminium hydroxyfluoride hydrate decreases with increasing temperatures. Advantageously, two of 
the possible co-precipitates (cryolite and sodium sulphate) have an increased solubility at elevated 
temperatures, which means that crystallizing AHF at high temperatures inhibits their co-precipitation. 
Hence for this system, heating rather than cooling, is one of the means of enhancing supersaturation. 
 
Figure 10.3: AHF solubility at constant pH. 
 
Figure 10.3 which is a copy of Figure 6.12 shows the constant-pH solubility chart of AHF at varying 
temperatures. Note that increasing temperatures lead to a reduction of pH as discussed in section 
8.2.1. Hence the constant pH lines of Figure 10.3 are only achievable by adding a base. This figure 
shows that the potential yield of AHF using temperature only, is minimal. For example, for a pH-
static crystallization of AHF from a starting solution at 25 oC and pH 4.0, increasing the temperature 
three folds to 90 oC will only reduce the solubility from 0.02 to 0.003 (mol AHF/kg slurry). This is 
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equivalent to the crystallization of 1.7 g/kg AHF/sol. leading to a recovery of 85 %. Whereas a similar 
yield would be obtained by just a 0.5 unit increase of pH to 4.5. The cost of the amount of base needed 
to achieve a similar recovery is likely much less than the energy demand of increasing temperature.  
Therefore in the aluminium hydroxyfluoride hydrate crystallization process, two major methods were 
identified for generating significant supersaturation. These are; pH adjustment (partial neutralization) 
and solution (water) evaporation. Solution evaporation is an alternative to using temperature ramping, 
without the need of using a base to keep the pH constant. While partial neutralization leads to high 
yields, it seems to promote nucleation over crystal growth. Solution evaporation on the other hand 
promotes crystal growth over nucleation but with a cost of high energy demand.  
 
 
Figure 10.4: AHF crystal micrograph obtained using; a) The partial neutralization method, b) 
the solution evaporation method. 
 
Figure 10.4 shows the comparison of the crystals obtained using these two methods. Figure 10.4a, 
was obtained using partial neutralization (without seeding) while Figure 10.4b was obtained using 
the solution evaporation method (with seeding), both at temperature > 70 oC. Figure 10.4 shows that 
b 
a 
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the crystals obtained using the solution evaporation method are usually bigger and with better 
developed crystal morphology than those obtained using partial neutralization, even at similar 
temperatures. Hence, a favourable crystallization process would involve a combination of both 
methods, given their pros and cons. 
 Data relevant to crystallization by pH control (partial neutralization). 
The following measured data are relevant for application in AHF crystallization using the partial 
neutralization (pH control) method. 
 Driving force for crystal growth 
The degree of supersaturation of aluminium hydroxyfluoride hydrate in a typical crystallizing 
solution was predicted based on the solution pH. The superstauration holds true for starting solutions 
made with concentrations similar to that described in section 5.3. Figure 10.3 shows the expected 
driving force (supersaturation) for crystallization as pH increases. Data is shown for the region above 
the saturation point region and was correlated by Equation 10. 2.  
 
Figure 10.5: Supersaturation driving force for initial solution in aluminium hydroxyfluoride hydrate 
crystallization. 
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α = 8.44 pH3 - 82.49 pH2 + 272.17 pH - 302.82.     (10.2) 
 Where; α = relative supersaturation expressed as S = [𝐼𝐴𝑃/𝐾𝑠𝑝] - 1. 
 Nucleation kinetics 
The nucleation rate constant KB of aluminium hydroxyfluoride hydrate crystallization, using the 
partial neutralization method at 25 oC was obtained using the empirical correlation B = KB Sn. KB 
as 5× 1010 #/min/ (kg slurry)/ (α) (section 8.4.1, Figure 8.12). Nucleation increased linearly with 
an increase in the solution supersaturation. The result showed a first order dependence of AHF 
nucleation on solution supersaturation.  
 Crystal growth kinetics 
The linear size growth rate and the relationship between growth rate and supersaturation using the 
partial neutralization method at 25 oC was obtained in section 8.4.2 using the relation G = KG Sg. 
Taking a first order reaction process, the growth rate (G) was obtained as 0.8 ± 0.005 µm/hr and KG, 
was obtained as Kg was = 0.04 ± 0.002 µm/hr. unit α. (Section 8.4.2, .Figure 8.17). 
 
Figure 10.6: Particle size distribution spread. 
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The particle size distribution showed an even spread in the first hour, within with a measured 
coefficient of variation (CVv) of 1.75 (± 0.5) was obtained (Figure 10.6). This suggested the 
consistency of the particle sizing technique adopted. 
 Data relevant to crystallization by solution evaporation 
The following data are relevant to AHF crystallization, using the solution evaporation means of 
generating supersaturation. The solution evaporation method is inherently preceded by partial 
neutralization to get the solution to the metastable zone. It combines some aspects of the advantages 
of partial neutralization, while promoting crystal growth over nucleation. 
 
 Nucleation threshold & metastable zone width 
The primary and secondary nucleation thresholds of AHF in its crystallizing solution were found to 
be very close and were treated as indistinguishable. The linear time dependence of the solution 
metastability was measured in section 7.5.4. The linear relationship was fitted with regression 
Equation (10.3) and (10.4), which fitted 95 % of the experimental data within 85 %.  
pH = 4.97 - 0.15 Tind         (10.3) 
SNT = 30.11 - 2.61 Tind        (10.4) 
where; ‘ind Tind’ = nucleation induction time (hrs),  
and ‘SNT’ = Nucleation threshold dimensionless relative supersaturation. 
 
Figure 10.7 which is a copy of Figure 7.18 shows the metastable zone width (MSZW) of typical 
solutions. The MSZW is shown at varying temperatures based on a 3 hour nucleation induction time. 
It is expressed in terms of pH to show the range within which the crystallizing solution is expected to 
be metastable.  
As shown on Figure 10.7, a narrowing of the metastable zone width (MSZW) was observed at 
increasing temperatures. This suggested that for a seeded crystallization run, it is best to seed at the 
lower temperature to reduce the risk of getting out of the metastable zone.  
Figure 10.7 can also be used to determine the favourable solution pH for crystallization. For example 
a typical starting solutions at 25 oC, is metastable after the saturation pH of 3.4 ± 0.2. The 3 hour 
induction time nucleation threshold is reached at pH 4.6. Hence seeded crystallization can be done at 
any pH within this metastable zone width. 
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Figure 10.7: The metastable zone width of AHF at varying temperatures. 
 
 Crystal growth kinetics 
The overall mass deposition rate (dR/dt) was used as an indication of the growth rate. The growth 
kinetics showed a first order dependence on the solution relative supersaturation. Figure 10.8 which 
is a copy of Figure 9.8 shows the data obtained at three temperatures (85, 90 and 95 oC).  
There was some observable dependence of the growth rate on temperature but was considered slight, 
hence was treated as not existing. The set of data was correlated with the power law equation dR/dt 
= Kg* Sg*. An overall growth rate constant Kg* of 0.08 mmol/m2.min was obtained and was converted 
to a linear growth rate constant of 16 ± 3 μm/hr/ unit α, using Equation 9.3. 
From the micrographs obtained (section 9.3.4), the crystal seed as well as the final product were of 
similar sizes. They did not show an observable size dependent growth, hence the growth process is 
assumed to have no growth rate dispersion (GRD). 
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Figure 10.8: Relation between molar deposition rate and supersaturation. 
 
 Conceptual application in spent pot lining (SPL) leachate 
Given the solubility characteristics of aluminium hydroxyfluoride hydrate, Figure 10.9 being a 
modification of Figure 6.15 shows the solubility of aluminium hydroxyfluoride hydrate at varying 
pH and temperature. Assuming the model solution described in section 5.3 satisfactorily mimics the 
spent pot lining leachate solution, a conceptual crystallization process could be design for obtaining 
aluminium hydroxyfluoride hydrate of reasonable yield and purity. Taking the solubility product 
constant (pKsp) at 25 °C to be 24.52, and a starting solution with a total aluminium (Al) concentration 
of 0.385 M and an F:Al molar ratio in solution of 2, the equilibrium pH above which crystallization 
is expected to occur is pH = 3.0. 
From Figure 10.9, a saturated starting solution at pH 3.0 contains 0.50 mol/kg water of AHF in 
solution. Taking the molecular formula as AlF2(OH).H2O giving a molecular weight of 100 g/mol, 
this amounts to 50 g/kg water  (5 %) of AHF in solution. Increasing the pH to 4.3 (below the secondary 
nucleation threshold could lead to a reduction of the solubility to 0.015 mol/kg which is equal to 1.5 
g/kg thus crystallizing 48.5 g/kg of aluminium hydroxyfluoride hydrate if equilibrium is reached. 
This represents a 97 % recovery. To avoid co-precipitation of impurities and promote crystal growth 
over nucleation, the temperature can be increased from 25 oC to 90 oC (at constant pH), which could 
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further reduce the solubility to 0.0001 mol/kg. This is equivalent to a concentration of 0.01 g/kg of 
AHF in solution. This results to a total recovery of 99.98 %. 
 
Figure 10.9: Aluminium hydroxyfluoride hydrate solubility isotherm. 
 
From the above, satisfactory recoveries (97 %) could be obtained by partial isothermal neutralisation 
alone. However the temperature increase was aimed to obtain more at crystal growth with minor 
benefit on recoveries. Being that increasing the solution temperature from 25 oC to 90 oC demands 
substantial energy consumption with just an addition of   3% recovery, it may be beneficial to separate 
the initial crystallization and the subsequent crystal growth into two processes. Crystal growth could 
be added as a beneficiation unit aimed at improving the crystal sizes of the very tiny fractions only. 
This has the advantage of substantially reducing the volumes handled and the energy demand of the 
process. 
Figure 10.15 shows the typical particle distribution of aluminium hydroxyfluoride hydrate obtained 
from the partial neutralization method. It is shown in volume percent and as a cumulative weight 
percent curve. Taking the weight % below 30 µm as too small for use, the crystals below this size but 
≥ 10 µm, are the ones that needs to be sent for beneficiation by crystal growth.  Particles < 10 µm 
will easily re-dissolve in solution. Tracing on the cumulative weight % curve, the percentage of 
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crystals that fall in this category is about 15 % of the total crystal population. This fraction having an 
average volume mean size of about 20 µm can be used as seed crystals in the crystal growth run.  
 
Figure 10.10: Size distribution of aluminium hydroxyfluoride hydrate. Showing % weight that 
needs beneficiation. 
 
 Proposed Industrial Process. 
The application of the findings in this project is to design a crystallization process applicable in the 
recycling of the fluoride values of spent pot lining (SPL) in the form of aluminium hydroxyfluoride 
hydrate. The proposed scheme begins with the grinding of SPL to sizes that provide sufficient surface 
area for leaching. According to Lisbona and Steel, (2007) the optimum size for mineral liberalisation 
from SPL is < 53µm. Water leaching, followed by a second leaching with acidic solutions high in 
Al3+ was found to be optimum.  
Water leaching easily dissolves the water soluble NaF. An Al3+ wash dissolves the water insoluble 
fluoride components such as cryolite and CaF2. A mixture of the water and Al
3+ leachates with little 
treatment would be the feed stock into the AlF2OH crystallizer. The leachate solution is expected to 
be similar to the model starting solutions used in this study. A schematic of the described process is 
shown in Figure 10.11 which is a copy of Figure 2.1. As shown in the schematic, the unit of present 
interest is the AlF2(OH) crystallizer (coloured brown) and is the focus of the current study. This is 
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possibly the most specialized unit in the entire conceptual process, and is where the final product is 
obtained. 
 
Figure 10.11: Block flow diagram for SPL recovery as AHF, modified from Lisbona (2009).  
 
 Plant location 
A spent pot-lining recycling plant can best be sited near the source of SPL generation. Being a by-
product of primary aluminium production it is generated at aluminium smelters which are located at 
specific regions round the world. Between 7 to 30 kg of SPL is produced per tonne of primary 
aluminium produced (Hamel et al., 2009).  World production of aluminium was projected to be over 
40 million tonnes per annum based on Table 10.1. 
Most of the smelter in Australia are located in the Eastern part of the country, with the highest 
production being in the Queensland Boyne Island smelter. This could be a good site for fluoride 
recycling plant. Production data by country as at 2012 is listed on Table 10.1, while production per 
plant per region in Australia is listed on Table 10.2. 
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Table 10.1: World production of primary aluminium by country (Bray, 2012). 
SN Region Primary aluminium production (1000 tonnes/yr) 
1. China 21,500 
2. Russia 3,950 
3 Canada 2,900 
4 United States 1,950 
5. United Arab Emirates 1,800 
6. Australia 1,750 
7. India 1,700 
8. Brazil 1,330 
9. Norway 1,200 
10 Bahrain 900 
 
 
Table 10.2: Primary aluminium production in Australia by region. (AAC, June, 2015). 
SN State Location Company Plant Capacity 
(t/year) 
1. Tasmania Bell Bay Rio Tinto Alcan Ltd. 180, 000 
2. Queensland Boyne Island Boyne Smelters Ltd. 550, 000 
3. Victoria Point Henry Alcoa World Alumina 
Australia Ltd 
190,000 (Closed 31st 
July, 2014) 
3 Victoria Portland Alcoa World Alumina 
Australia Ltd 
358,000 
4 New South 
Wales 
Tomago Tomago Aluminium 
Company Pty. Ltd 
540,000 
 
 Conceptual Feed-stock 
Taking the Australia aluminium production data of 1.63 million tonnes/yr as a basis (excluding the 
Point Henry plant), and assuming a central processing facility for SPL generated from all the smelters. 
If the upper limit of SPL production per tonne of aluminium (which is 30 kg of SPL per tonne of 
aluminium) is used, this amounts to 48,480 tonnes/per year of SPL potential feedstock for the 
recycling plant. Using a design capacity of 50,000 tonnes/ per year of SPL, a processing facility can 
be conceptualized to handle this amount of feedstock.  
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 Preliminary crystallizer design 
In this study two methods of AHF crystallization has been used; partial neutralization crystallization 
and solution evaporation crystallization. The former could be used for the bulk AHF crystallization, 
while the latter can be used as a beneficiation process, for the very small particles (< 30 µm), below 
the acceptable limit. 
Considering a 10 months production period (allowing 2 months for shut down and maintenance), at 
22 working days per month for batch wise operation, the total number of working days per year equals 
220 days. Hence the 50,000 t/yr of SPL could be processed at the rate of 227 tonnes/per day. Splitting 
this into 5 streams will result to a single stream feed capacity of 45,455 kg/day.  
According to Lisbona (2009), the optimum solution to solid ratio for leaching SPL is 100 ml/36 g 
SPL. Given the 45,455kg/day of SPL per stream, acid leaching will result to a volume of 
approximately 130,000 litres leachate solution. Assuming this solution is saturated with AHF and 
invoking the solubility curve of Figure 10.9, the leachate solution potentially contains about 6,313 kg 
of AHF.  
Using the partial neutralization method for the bulk crystallization at pH 5.0 a 97 % recovery will 
yield 6,124 kg of AHF/day. If 15 % of this total mass is between the size ranges of 10 – 30 µm as 
shown on Figure 10.9, then about 919 kg of AHF would be sent for beneficiation using the solution 
evaporation method. This proportion will serve as the seed for the following batch crystallizer design.  
 Continuous partial neutralization crystallization  
Crystallization of AHF by partial neutralization involves both nucleation and crystal growth. The 
commonly used industrial crystallizer suitable for this type of process is the unseeded Mixed 
Suspension Mixed Product removal (MSMPR) crystallizer. A review of this crystallization process  
is given by Randolph and Larson (1988).  
Observations of the AHF product micrographs, synthesized using the partial neutralization method, 
showed that the crystals are all of similar sizes Figure (9.1). This suggests a size independent growth 
(SID) process. Hence the design calculations that follow assume the absence of growth rate dispersion 
(GRD). 
According to the size independent growth (SIG) theory, the product is expected to have an 
exponential size distribution on a number basis and also a third gamma distribution on a mass basis. 
The following assumptions are involved in the design calculations for the MSMPR; 
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o A well-mixed slurry. 
o Steady state operation (i.e. constant; reactant/feed flow rate, temperature, pH etc. 
o Self-nucleated crystallization (no seed addition). 
o Negligible nuclei size in comparison to product. 
o Combination of nucleation and growth processes. 
o No agglomeration or breakage. 
o No size dependent growth (growth rate is constant for all crystals). 
 Brief Review of the SIG theory 
The calculations presented further are adapted from the original work of Randolph and Larson (1988) 
and follows Rashid et al. (2013). The size distribution on a number basis is exponential i.e. f (x) = 
exp (-x); Where x = L/Gmϫ. Gm = Size independent growth rate, Ϫ = mean residence time, Gmϫ = 
the number mean size. 
The particle distribution on a mass basis is a third order gamma distribution. The total number of 
crystals in the crystallizer can be obtained as N = Bϫ, and the mass of crystal can be obtained as 
Equation (10.5). 
MT = 6σρcN(Gmϫ)3         (10.5) 
Where M = Mass of crystals per unit contents, ρc = Crystal density, σ = volume shape factor, B = 
Nucleation rate. 
B and Gm are functions of the relative supersaturation (S) where B = kBsn and G = kGsg and n and g 
are nucleation and growth reaction order respectively. Hence to evaluate S, a material balance linking 
the mass of crystal to solution supersaturation consumption is defined as Equation (10.6). 
M = Si – S          (10.6) 
Where Si and S are the initial and final solution supersaturation respectively. Obtaining ‘S’ makes it 
possible to evaluate Gmϫ and also the number and mass distributions. 
 Sample design calculation 
Considering an MSMPR crystallizer operating at ambient (25 oC) and fed with an AHF starting 
solution at pH 2.0, saturated in the crystallizer operating at a final pH of 5.0 at the same ambient 25 
oC.  Using the solubility chart for AHF crystallization (Figure 10.9) and converting the concentration 
to g/kg of water, the 25 oC regression equation is obtained as Equation 10.7;  
C (g/kg) = 27670 exp(-2.24 pH)        (10.7) 
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From Equation (10.8) the concentration in the feed would be 313.6 g/kg. At equilibrium at the 
crystallizer pH of 5.0 the concentration would be 0.4 g/kg. Therefore the maximum possible yield 
would be 313.2 g of AHF crystal per kg solution. 
Given the assumed SIG behaviour, the supersaturation consumption can be written as Equation 
(10.8). 
Si – S =  KG3 KB ρc ϫ4 S(3g+n) 10-18       (10.8) 
Where; G = KGSg with g = 1 KG = 0.04 µm/hr unit α,  
B = kB sn with b = 1 and KB = 3× 1012 #/hr/ (kg slurry)/ (unit of α),  
ρc = Crystal density (obtained as 2.3113 g/cm3), 10-18 = Allows for volume conversion from m3 to 
µm3. 
Equation 10.8 was solved for S and then the possible recovery as a function of chosen residence time 
is shown on Figure 10.12. 
 
Figure 10.12: AHF recovery for MSMPR crystallizer without GRD. 
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 Non-nucleating seeded batch evaporative crystallization  
A seeded, non-nucleating evaporative batch crystallization process operating below the secondary 
nucleation threshold of pH 4.3 and at a controlled temperature ramped from 25 to 90 oC will be 
considered. The seeds will be assumed to be size independent growth (SIG) crystals of an average 
particle size of 10 µm on a volume basis. The average crystal size of the final product is targeted at 
50 µm.  
The design formulas adopted in this section is taken from the work of Garside et al. (2002). For an 
actual crystallizer more complex calculation would be made. In the following calculations, the 
following simplifying assumptions are made; 
1. Negligible secondary nucleation (working below SNT) 
2. Size independent growth crystals 
3. No agglomeration or breakage of the crystals 
4. Conserved morphology of the seed and product crystals 
In the design of a batch crystallizer, several performance variables could be considered. For this work, 
those considered are product yield, magma density, crystallizer volume, seed crystal mass and batch 
time. 
A production basis of 1000 kg/d of final products is set. The following parameters are also set; 
Median size of product Lp = 50 µm 
Median size of seeds of Ls = 20 µm 
Using the SPL leachate as the starting solution, and partially neutralizing to pH 4.3 below the 
secondary nucleation threshold, a temperature increase from 25 oC to 90 oC (at constant pH) could be 
used to effect supersaturation. From the isotherms of Figure 10.9, the equilibrium concentration of 
AHF in the leachate solution at 25 oC is expected to be 0.05 mol/kg sol and 0.0002 mol/kg sol, at 90 
oC. Given the crystal density of 2,311 kg m-3 (section 5.5.1), a solution density of 1100 kgm-3 
(experimentally determined), and a volume shape factor for cubic crystals of 1.00 (Table 3.2) is used. 
The linear growth rate constant of 0.03 µm/min/unit S (section 9.3.3) for g = 1 is also used. Given the 
above, the crystal design parameters can be estimated. 
Using the design formulas presented in Garside et al. (2002), the yield, magma density, crystallizer 
volume, seed mass and batch time is calculated as follows; 
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Crystal yield 
Crystal yield (Y) is obtained by difference between the equilibrium concentration at the final 
temperature (90 oC) and the equilibrium concentration at the initial temperature (25 oC) 
Y = 0.05 – 0.0002 = 0.0498 kg/kg solution. 
Magma density 
The magma density (MT) can is obtained by the expression   𝑀𝑇 =  
𝑌
(𝑌 𝜌𝑐⁄ + 
1
𝜌1⁄ )
   
=   𝑀𝑇 =  
0.05
(0.05 2311⁄ + 
1
1100⁄ )
  
= 54 𝑘𝑔/𝑚3 
Where 𝜌𝑐 = crystal density 
and 𝜌1 = slurry density. 
Crystallizer volume 
The volume of the batch crystallizer (V) is given by the expression  𝑉 =
𝑃𝑐
𝑀𝑇
⁄   
=  1000 54⁄   
= 19𝑚3 
Seed Mass 
Mass of 20 µm seed crystal (M) to be added to the crystallizer is given by the expression  
 𝑀𝑠 =
𝑃𝑐𝐿𝑠
3
(𝐿𝑝
3 −𝐿𝑝
3 )
 
= 1000 ×  (2 × 10−5)3/[(6 × 10−5)3 − (2 × 10−5)3] = 38 kg. 
Batch time 
The batch time is given the expression ɤ=  
 (𝐿𝑝−𝐿𝑠)
𝐺
 
= 
(6×10−5− 2×10−5)
5×10−9
  
=  2.2 hours 
Where G = linear growth rate,   and ɤ = batch time. 
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For a 16 hr plant running time day, 6 production batches can be turned over. This is equivalent to the 
consumption of 231 kg/day of the seed feedstock per crystallizer. Hence for a total feedstock of 919 
kg/g seed crystals, 4 crystallizers per stream will be required. Therefore the plant will comprise of 5 
production streams, with 4 evaporative crystallizers each. 
Controlled heating 
The final crystal product crystal size distribution (CSD) is very much dependent on the rate of 
supersaturation consumption which is influenced by the temperature profile over the batch time. An 
improvement in the temperature control may be beneficial in regulating the crystal size distribution.  
Equation 10.9 which is a copy of Equation 3.27 can be used to obtain an optimum temperature profile, 
over the batch time which is presented in Table 10.3. 
Tt = T0 – (T0 – Tf)(t/ ɤ)3      (10.9) 
where Tt = Temperature at a given time, T0 = Initial temperature (in this case 25 
oC), Tf = final 
temperature (in this case 90 oC), t = Instantaneous time (hr). ɤ = Batch time (hrs). 
Figure 10.14 shows the effect temperature control on the solution desuperstauration. A more 
uniformly depleting superstation could be achieved. 
Table 10.3: Temperature control profile for AHF crystallization. 
t(hr) 0.0 0.3 0.5 0.8 1.0 1.3 1.5 1.8 2.0 2.2 
T (oC) 25 25 26 28 31 37 46 58 74 90 
 
 Summary 
A crystallization process has been proposed in this study for the recovery of the fluoride values of 
spent pot lining in the form of aluminium hydroxyfluoride hydrate. Calculations are given for the 
design of the crystallizer in this process, using the solubility and crystal growth kinetics data from 
experimental trials. To demonstrate the applicability of the data, estimated amounts of spent pot lining 
based on aluminium production data was used. A central processing facility for the recovery of the 
fluoride values was also proposed.  
The aspects on crystallizer design presented, are considered to be preliminary, subject to further 
development. A detailed engineering design of a crystallizer/crystallization process for recovery of 
AHF from spent pot lining is out of scope for the current study. 
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Figure 10.13: Experimental and control solution de-supersaturation. 
 
The result obtained is a guide. For an actual industrial application, there will be need to re-analyse 
the solubility and kinetics information provided. It is well know that data obtained from experimental 
trials in the laboratory, is not usually applied directly to an industrial process due to the inevitable 
differences in the scale, impurities and interactions within the two systems (Mullin, 2001). However 
the information presented, could be a starting point, for a possible industrial process
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CHAPTER 11 
Conclusion and Recommendation 
11 Conclusion and Recommendation 
 Introduction 
This presents the key findings from the experimental observations that were undertaken and presented 
in previous chapters. The interconnections of the results and chapters are clarified, while the areas 
that need improvements are identified. This is followed by recommendations for future work with a 
hint of the challenges that are projected. 
 
 Alumnium hydroxyfluoride hydrate synthesis 
Aluminium hydroxyfluoride hydrate (AlF2OH.H2O) was crystallized from model solutions made 
from easily sourced laboratory reagents. The conditions of crystallization were aimed at mimicking 
the likely process for the recovery of the fluoride values of spent pot lining (refer to section 2.4). This 
study found similar favourable crystallization conditions, as identified from previous studies. It 
however extended an understanding of the observations peculiar to this system. 
Previous studies using similar methods had suggested favourable conditions for AHF crystallization 
which included, starting solution at pH 0 – 3 preferably 1-2, F/Al molar ratio within 1.8 and 2.2, and 
temperatures between 70 – 100 oC. Others included incomplete neutralization in 4 or 5 seconds, 
saturating the solution with F- to minimise sodium contamination and final pH up to pH 5.6. Beyond 
this range, chiolite was obtained at pH 5.6 – 6.0, and cryolite thereafter (Bush and Gaydoski, 1985, 
Kaaber and Mollgaard, 1996, Lisbona and Steel, 2008). 
Results from this study confirmed the earlier results but suggested that the phase equilibria had a 
greater influence on co-precipitation than pH. Although chiolite co-precipitation was encountered in 
previous studies, it was not encountered in this current study. The sodium – Na component of NaOH 
was found to be responsible for exceeding the equilibrium threshold of the co-precipitates. Hence 
when sodium hydroxide is used for pH adjustment, a high fluoride to aluminium (F:Al) ratio was 
problematic. Oppositely, a low F/Al ratio favoured gibbsite co-precipitation due to the excess 
Aluminium – Al in solution.  
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The speciation modelling applied in this study can be expanded to include more components. This 
has implication in the recovery of the fluoride values of spent pot lining as more impurities are 
expected in the leachate solution. The particular solution needs to be analysed to be able to assess the 
favourable conditions for pure AHF crystallization that minimises the co-precipitation of impurities. 
The results from this study strongly suggested that the AHF synthesized (using the method in this 
study) approximate the molecular formula of AlF2OH·H2O. However, variable combinations of Al, 
F, OH and water of crystallization was observed. The closeness in size between the crystal lattice of 
F and OH molecules was thought to be part of the reason for the variability in AHF composition from 
batch to batch. Some of the variations found in literature include; AlF(OH)2, AlF2(OH) (Cowley and 
Scott, 1948), Al2(F,OH)6 (Roberson and Hem, 1968), Al2F6-y(OH)y.nH2O (Rosenberg, 2006), 
AlF2.5(OH)0.5 (Grobelny, 1977), AlFx(OH)3-x (Stosiek et al., 2008),  AlF2.3(OH)0.7.H2O (Menz et al., 
1992), AlFx(OH)3-x.H2O (Scholz et al., 2010), AlF2(OH).1.4H2O (Lisbona, 2009) etc.  
 Solubility 
The solubility of aluminium hydroxyfluoride hydrate was measured using the dissolution technique. 
Dissolution took prolonged (about 80 days) periods to reach equilibrium. The results showed that 
AHF solubility was dependent mainly on the solution pH and to a lesser extent on temperature. 
Solubility increased with decreasing pH at constant temperature and at decreasing temperatures at 
constant pH. A fluctuation of the solution pH was observed to have great impact on the molar 
concentrations. Hence for this system, defining the molar solubility without relating to the solution 
pH would be incorrect.  
The solubility product constant (Ksp) was a better option for expressing solubility. The solubility 
product constant (Ksp) for AHF was measured in acidic solutions of up to 2 molar ionic strength. The 
pKsp at 30, 50, 70 and 90 
oC were measured experimentally and obtained as 24.4, 24.6, 24.8 and 25.1, 
(± 0.2) respectively. From these, the pKsp at 25 
oC, was obtained as 24.3 ± 0.02. This value holds true 
for the definition of the solubility constant product in terms of the dissociation of AHF into its 
composing ions. The Ksp changed linearly with temperature, the enthalpy and entropy of reaction was 
obtained as −25.0 ± 2.9 kJ/mol and -549 ± 9 J/K respectively. With these data, the molar solubility at 
any temperature below the solution boiling point can be predicted with an appropriate speciation 
programme. In this study, PhreeqC was used and the modelled solubility chart agreed favourably with 
experimental results. 
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 Metastability and nucleation threshold 
The nucleation threshold and metastable zone with of aluminium hydroxyfluoride was measured in 
it the mother liquor. This thesis presents the first attempt of investigating the metastability and 
nucleation thresholds of AHF in its crystallizing solutions. The visual inspection and pH change 
method were used, and results from both methods were close. The metastable zone width (MSZW) 
was found to be very small. The nucleation thresholds, just like the solubility was best expressed in 
terms of the solution pH. The corresponding relative supersaturation was obtained using the fitting 
equation α = (0.35+31.6 * Exp (-0.5*((pH-5.2)/0.75)2)). Where α = IAP/Ksp -1.  
At ambient (25 oC) temperature, typical starting solutions were saturated by partial neutralization 
from pH 3.0 ± 0.5. The results strongly suggested that the secondary nucleation threshold was very 
close to the primary nucleation threshold and was treated as inseparable. At 25 oC, the 3 hour 
induction time nucleation threshold was reached at pH 4.3 ± 0.2 which corresponded to the 
dimensionless relative supersaturation of 23 ± 2. As expected, the induction time reduced with 
increasing pH (supersaturation). The 3 hour induction time was chosen for convenience, as it was 
easily deduced from the titration curves. This time is also considered to be suitable for the 
crystallization process. 
Experimental measurements showed that that the titration curve could be used to estimate the 
metastable zone width. The equivalence point corresponded to the point where the solution was 
saturated with aluminium hydroxyfluoride hydrate, while the mid-point corresponded to the 3 hour 
induction nucleation threshold. This observation provided a quick method of estimating the MSZW, 
which is likely to change with changes in solution composition. The metastable zone width was also 
found to narrow with increasing temperatures, suggesting that for a seeded evaporative 
crystallization, seeding at the lower temperature would be the favoured approach. 
 Methods for generating supersaturation 
Two of the well-known methods of generating supersaturation listed in section 3.5, were applicable 
to the aluminium hydroxyfluoride hydrate system. These are; chemical reaction (pH control/partial 
neutralization) and solution evaporation. Temperature also had an effect on AHF crystallization but 
only at constant pH. It was observed that the solution pH decreased significantly with an increase in 
temperature. To keep the pH constant, caustic needed to be dosed to compensate for the plunge in 
pH. Hence temperature could only be considered as a method of generating supersaturation for a pH-
static crystallization. 
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 Nucleation kinetics 
The primary nucleation kinetics of aluminium hydroxyfluoride hydrate was measured from its typical 
crystallizing solution using the partial neutralization method. A nucleation rate, B of 9.0 × 1010 (± 80 
%) #/min/ (kg slurry) was obtained. The value in brackets is the estimated 95 % uncertainty of the 
result. The nucleation rate showed a first order dependency on solution supersaturation. The relation 
B = kB α was used to obtain the nucleation rate constant Kn as 5.0 ×1010 #/min/ (kg slurry)/ (unit α). 
This thesis provides the pioneer nucleation kinetics data of AHF for comparison with future studies. 
The sizing technique met with some challenges that could guide future studies. The crystals were 
sized directly from their mother liquor. To be able to get the appropriate light obscuration, samples 
with low crystal content had to be concentrated by allowing the crystal to settle to the bottom, then 
pour out some of the solvent. Like-wise, samples with high crystal content, had to be diluted with 
water. This interfered with the actual sizes of the crystals for these runs. Other sources of error 
included the multi-step filtering, washing, drying and weighing of the solids crystals to obtain the 
solid crystal content. 
 Crystal growth kinetics 
Aluminium hydroxyfluoride crystal growth kinetics was measured using the two methods of 
enhancing supersaturation; partial neutralization and solution evaporation.  
With the partial neutralization method, using seeded and non-seeded batches gave similar results and 
was not affected by the solution volume. The crysal growth rate, G was estimated using the volume 
median size as 0.8 ± 0.005 µm/hr. Using the correlation G = kgSg, the linear growth rate suggested a 
second order dependency on solution supersaturation and Kg was obtained as 0.04 ± 0.002 µm/hr. 
unit α. The major error with this method is that the volume median size was used as the characteristic 
size of the crystal and this varied greatly due to the observed agglomeration of the particles. Generally, 
the partial neutralization method promoted nucleation over crystal growth and this was previously 
observed (Lisbona, 2009). 
Interestingly, crystallization using water evaporation promoted crystal growth over nucleation. In-
fact zero nucleation was actually measured. This is because the experiments could be controlled 
within the narrow metastable zone width MSZW. The mass depositional rate method was used to 
minimise the likely error from crystal sizing. This was converted to the linear growth rate using the 
expression 𝑹𝑮 =  
𝟑𝝈
𝜷
. 𝝆𝒄𝑮 where RG is the mass growth rate and G is the linear growth rate, ρc is the 
crystal density. ‘σ’ and ‘β’ are the surface and area shape factors respectively define in Equation 9.2. 
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The linear growth was obtained as 0.26 ± 0.05 µm/min unit α which was 3 orders of magnitude faster 
than the growth rates obtained using the partial neutralization method.  
The solution (water) evaporation method had the advantage of enhancing crystal growth over 
nucleation and producing crystals with better developed morphology though with a disadvantage of 
increased energy demand and lower yield. While the partial neutralization method had the advantage 
of higher yields, but with the disadvantage of enhanced nucleation over crystal growth and producing 
crystals with less developed morphology.  
 Crystal habit 
The aluminium hydroxyfluoride hydrate has an octahedral morphology. The crystal habit showed 
faster growth in the vertical (0, 0, 1) direction over the lateral (1, 1, 0) direction, adopting the (x, y, 
z) convention and taking ‘x and y’ as the horizontal axis and ‘z’ as the vertical axis. This resulted to 
the development of the crystal morphology from a flat cubic-like shape in the seeds to a well-defined 
octahedral in the final product. This is the first study to clearly identify this habit. A previous study 
(Lisbona, 2009) had suggested the crystals were rounded due to the not-well developed faces, thought 
to be due to impurities. The observation of the well-developed octahedral morphology in this study 
is believed to be due to the high purity of the crystal obtained from the model solutions. The work by 
Lisbona (2009) was done using industrial solutions, which was prone to lot of impurities. 
 Crystallization process/ crystallizer design 
A conceptual application of the obtained crystallization data to the recovery of the fluoride values of 
spent pot lining in the form of aluminium hydroxyfluoride hydrate has been proposed in Chapter 10. 
Australian aluminium production data has been used as a basis and a central processing facility is 
also proposed. Selected design calculations have been made to show how the crystallization 
parameters (Solubility, MSZW, nucleation and growth kinetics) can be used in designing an industrial 
process. 
A combination of partial neutralization and solution evaporation methods of generating 
supersaturation has been suggested given the strengths and weaknesses of both methods. Partial 
neutralization has been proposed to be suitable for a continuous crystallization process using a mixed-
suspension, mixed-product-recovery (MSMPR) crystallizer. While solution (water) evaporation has 
been proposed to be suitable for a batch crystallization process using an evaporative crystallizer. 
These calculation are primary and need further improvement. 
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 Recommendations for Future Work 
Solubility studies 
As highlighted in Chapter 3, the solubility of most substances can be measured using two approaches 
which are; the dissolution and crystallization approach. The solubility of aluminium hydroxyfluoride 
hydrate has been measured using the dissolution route. Solubility using the crystallization route can 
also be measured and compared with the current data. 
 Solubility could be affected by the solution ionic strength and the ion-ion interactions. Hence the 
solubility of AHF could vary depending on the environment (impurities). This implies that for the 
possible industrial application, the solubility of aluminium hydroxyfluoride hydrate in the spent pot 
lining (SPL) leachate solution will need to be measured. The methods presented in this study can be 
used as a guide for such future measurements. 
 Metastable zone width (MSZW) 
In this study, the secondary nucleation threshold seemed to be very close to the primary nucleation 
threshold, hence they were treated as inseparable. It is possible that these two could be distinguished, 
even though that is expected to vary with solution concentration. Hence further tests could be 
explored to demarcate the secondary from the primary nucleation threshold. 
Furthermore, the methods for investigating the nucleation thresholds could be improved. This study 
used the visual inspection and the pH change method. Both methods had their limitations, which lead 
to large errors in the measurement. The visual inspection method to some extent is subjective to the 
observer, while pH change is prone to fluctuation caused by little changes in the environment such 
as; dust, noise and impurities. In-situ methods e.g. comprising light transmission (Chan, 2008) could 
be exploited. 
 Crystal growth improvement 
Two methods were used to enhance supersaturation and promote crystal growth. These were the 
partial neutralization and the solution evaporation methods. In this study, crystal growth using the 
solution evaporation method produced promising results. However, crystal growth was truncated due 
to the reduction of pH at high temperature, making the solutions more acidic. AHF is known to be 
very soluble in acids, hence a pH-static evaporation method could be employed. This can be achieved 
by dosing caustic to keep the solution pH constant as the temperature increases. 
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The partial neutralization method could be improved by operating in a continuous mode. In this study, 
pH starting conditions were tested but the solution supersaturation was allowed to vary. This is 
believed to have contributed to the slowing down of the growth rate with the consumption of 
supersaturation. To avoid this, Al/F solutions could be dosed to compensate for the depletion in 
solution alongside NaOH dosage. 
 Crystal sizing 
The crystal sizing method used in this study showed some variability upon repeated measurements. 
Improved methods of crystal size measurements could be looked into, especially in-situ measurement 
techniques. Alternative sizing methods not requiring sample extraction like the Focused Beam 
Reflectance Measurement (FBRM) technique could be experimented.
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Appendices 
Appendix 1 
Appendix 1 contains the front page of part of this thesis that has been published in a scientific 
journal. 
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Appendix 2 
Appendix for Chapter 4 
This appendix provides the supplementary information for the results presented in Chapter 4. 
 
A2.1: Refractive index calibration chart for AHF 
The calibration chart for AHF was done in three acid solutions of 0.01, 0.1 and 1 M concentrations. 
Various amounts of AHF was dissolved in the acid solutions as shown in Table A2.1 and resultant 
refractive index obtained. 
Table A2.1: AHF calibration solutions composition 
Runs 0.01M 0.1M 1M 
Wt % AHF nD-nW Wt% AHF nD-nW Wt% AHF nD-nW 
1 0.00 0.00012 0.00 0.00119 0.00 0.01018 
2 0.02 0.00014 0.10 0.00131 0.10 0.01024 
3 0.06 0.00021 0.21 0.00141 0.20 0.01037 
4 0.10 0.00025 1.00 0.00231 0.99 0.01120 
5 0.15 0.00028 1.96 0.00343 1.96 0.01228 
6 5.00 0.00560 5.00 0.00670 2.92 0.01340 
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Appendix 3 
Appendix for Chapter 5 
This appendix provides the supplementary information for the results presented in Chapter 5. 
A3.1: Surface analysis of AHF 
The surface analysis of AHF was done using the X-ray photoelectron spectroscopy (XPS) technique. 
It was used to compare the elements on the surface of the crystals with that obtained in the inner core, 
as analysed from elemental analysis. Figure A3.1 shows the result obtained from a typical analysis, 
indicating the compounds found. 
 
Figure A3.1: Surface analysis of aluminium hydroxyfluoride hydrate. 
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Appendix 4 
Appendices for Chapter 6 
This appendix provides the primary data used in the calculations of the molar concentrations and 
species activities presented in Chapter 6. 
A4.1: Confirmatory concentration measurement using refractive index 
As mention in section 4.7.1, refractive index was used as a confirmatory test for solution 
concentration analysis. The concentrations data using the ICP-AES method were used as the main 
result. Figure A4.1 shows the refractive index measurement for a set of the solubility test at 70 oC 
(Figure 6.3). The X-axis was calculated by subtracting the instantaneous refractive index reading at 
time,‘t’, from the initial reading at time ‘0’. This was to increase the sensitivity of the measure values 
making it easier to observe the changes. 
 
Figure A4.1: Refractive index measurement of solutions at 70 oC. 
 
The results confirmed that the solution concentration was still fluctuating even after 25 days of 
mixing. It however suggested that the change in concentration was minimal, given the three (3) 
decimal places of the difference values. The refractive index readings was convertible to molar 
concentrations using the calibration chart similar to Figure 4.5. 
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A4.2: pH observations for equilibrium determination 
Table A4.1 provides the raw data for Figure 6.3. It presents the pH fluctuations observed over time 
to determine when equilibrium was attained, in the solubility tests. 
Table A4.1: pH observation for equilibrium determination 
25 oC 
 Time 2 wt % 4wt % 6 wt % 8 wt % 10 wt % 
Date Hr Days pH measurements 
24/03/2014 0 0 3.100 2.835 2.654 2.509 2.412 
25/03/2014 24 1 3.175 2.892 2.722 2.556 2.449 
26/03/2014 48 2 3.171 2.89 2.713 2.575 2.479 
31/03/2014 168 7 3.220 2.957 2.737 2.565 2.531 
09/04/2014 384 16 3.366 3.031 2.873 2.691 2.641 
16/04/2014 552 23 3.402 3.078 2.922 2.728 2.694 
28/04/2014 840 35 3.431 3.096 2.959 2.750 2.714 
09/05/2014 1104 46 3.430 3.156 3.008 2.794 2.778 
29/05/2014 1584 66 3.478 3.215 2.990 2.812 2.749 
05/06/2014 1752 73 3.477 3.186 3.038 2.795 2.773 
12/06/2014 1920 80 3.47 3.205 3.036 2.813 2.768 
24/06/2014 2208 92 3.435 3.163 3.024 2.800 2.784 
07/07/2014 2520 105 3.433 3.145 2.971 2.782 2.740 
 70 oC  
17/10/2013 0 0 3.05 2.80 2.67 2.58 2.40 
18/10/2013 24 1 2.93 2.78 2.64 2.51 2.38 
19/10/2013 48 2 2.82 2.59 2.42 2.33 2.20 
20/10/2013 72 3 2.79 2.53 2.37 2.25 2.15 
21/10/2013 96 4 2.80 2.56 2.39 2.27 2.19 
22/10/2013 120 5 2.69 2.42 2.24 2.14 2.06 
23/10/2013 144 6 2.73 2.47 2.29 2.16 2.07 
24/10/2013 168 7 2.62 2.36 2.22 2.09 2.01 
26/10/2013 216 9 2.55 2.35 2.15 2.04 1.93 
29/10/2013 288 12 2.56 2.33 2.16 2.02 1.91 
03/11/2013 408 17 2.59 2.35 2.19 2.06 1.99 
08/11/2013 528 22 2.58 2.37 2.23 2.13 2.04 
12/11/2013 624 26 2.55 2.42 2.28 1.89 1.93 
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A4.3: Sample ICP analysis complete data 
Several ICP measurements were conducted to determine the major components of AHF solution. In 
the results presented in Chapter 6, only the relevant components are shown. Table A4.2 presents a 
sample of the complete results obtained from the analysis at 30 oC. 
Table A4.2: Sample complete ICP analysis 
SN Al B Ca Cu Fe K Mg Na P S Si Zn 
 mg/L mg/L mg/L mg/L mg/L mg/L mg/L mg/L mg/L mg/L mg/L mg/L 
             
2A 5499 5.9 57 0.2 8.6 10.4 81 2070 2.2 8104 87 0.3 
2B 5352 5.5 52 0.2 7.4 7.7 75 2000 2.7 6874 85 0.2 
2C 5549 2.9 46 0.1 6.6 13.2 77 1477 10.2 7136 58 0.6 
4A 11050 6.6 108 0.4 18.6 25.1 144 3240 1.6 14692 128 0.2 
4B 10918 6.4 103 0.3 18.2 15.1 141 3222 9.3 13825 117 0.9 
4C 10032 5.2 95 0.2 17.8 5.6 135 2843 1.2 13226 102 0.3 
6A 16888 7.8 163 0.3 36.9 14.7 202 4492 7.6 23572 157 0.0 
6B 16423 5.2 156 0.2 32.8 20.1 198 4258 2.7 21540 145 0.4 
6C 15869 5.9 154 0.2 29.5 13.3 196 4147 7.2 20832 149 0.2 
6D 538 2.9 5 0.1 20.7 6.3 3 750 10.5 18715 14 0.4 
8A 22892 8.0 214 0.2 42.3 6.4 251 5574 4.0 30408 144 0.3 
8B 23488 5.2 218 0.2 45.6 7.1 266 5612 5.6 31418 137 0.1 
8C 20594 4.8 189 0.2 39.2 14.9 234 4944 5.9 27999 140 0.1 
8D 582 1.6 5 0.1 20.2 0.1 4 758 7.1 25510 9 0.2 
10A 28231 7.6 266 0.3 54.8 12.9 279 6735 7.9 38176 144 0.2 
10B 28209 7.8 264 0.0 57.6 17.9 288 6586 4.2 37479 134 0.2 
10C 31800 5.2 295 0.3 70.1 26.8 321 7376 7.5 44292 107 0.2 
10D 586 2.7 6 0.2 31.2 15.1 3 761 7.0 31741 33 0.2 
2 12 2.1 2 0.3 3.1 15.3 0 744 1.7 6002 13 0.2 
4 7 1.4 4 0.3 4.1 5.7 0 722 16.0 11548 6 0.2 
6 9 1.3 1 0.1 6.3 18.6 0 732 5.7 17423 17 0.2 
8 9 2.2 7 0.2 5.2 3.3 0 705 8.3 24703 20 0.1 
10 16 2.3 0 0.1 7.9 17.4 0 715 11.1 31646 17 0.1 
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A4.4: Sample PhreeqC input file  
Table A4.3 contains a typical PhreeqC input file used for speciation calculations 
Table A4.3: Input file for speciation calculations using PHREEQC 
EQUILIBRIUM 
PHASES 
1     
AHF 0 1000  
SOLUTION 1    
 temp 50   
pH 7 charge  
pe 4   
redox pe   
units mol/l   
density 1   
S(6) 2   
-water 1 # kg 
    
SOLUTION 
SPECIES 
   
Al+3 + 2F- + H2O = AlF2(OH) + H+ 
 log_k 6.8       
Al+3 + F- + H2O = AlF(OH)+ + H+ 
 log_k 2.1       
Al+3 + F- + 2H2O = AlF(OH)2 + 2H+ 
 log_k -3.6       
Al+3 + F- + 3H2O = AlF(OH)3- + 3H+ 
 log_k -9.2       
Al+3 + 2F- + 2H2O = AlF2(OH)2- + 2H+ 
 log_k 0.2       
Al+3 + 3F- + H2O = AlF3(OH)- + H+ 
 log_k 10.8     
Al+3 + 5 F- = AlF5-2 
 log_k 20.6    
 delta_h 1.84 kJ   
Al+3 + 6 F- = AlF6-3 
 log_k 20.6    
delta_h -1.67 kJ   
 
PHASES 
AHF 
 AlF2.0(OH) = Al+3 + 2.0F- + OH-  
log_k -24.5   
delta_h -23.45 kJ 
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A4.5: Comparing theoretical and experimental solubility of AHF in water 
The obtained Ksp in Chapter 6 was used to model the molar solubility chat for AHF in water using 
the speciation software PHREEQC. Figure A4.2 shows a comparison of the model (simulated values) 
and measurements obtained from different sets of experiments. The simulated values are shown as a 
continuous line (labelled (sim), while experimental values are presented as data points. The 
experimental measurements include in-house measurements (Experimental runs XA and X2, as well 
as externally measured values by a commercial laboratory, ALS (labelled as ALS). 
 
Figure A4.2: Comparing theoretical and experimental solubility of AHF in water.  
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Appendix 5 
Appendices for Chapter 7 
 
This appendix presents a selection of the raw data used in the studies presented in Chapter 7. 
 
A 5.1: Visual inspection method 
Visual inspection was used in detecting the time till the onset of nucleation. A change of solution 
colour from clear to milky indicated the production AHF crystals, which are white in colour. In Figure 
A.5.1 below, the sample labelled 4.2 has changed from clear to milky while the other samples remain 
clear. This indicates that the solution labelled 4.2 has nucleated. 
 
 
 
 
Figure A5.1: Photo of all AHF solutions. a) Showing cloudiness (Secondary nucleation) at 
pH 4.2 after ~ 18hrs, b) Zooming in on solutions, showing cloudiness (Secondary 
nucleation) of solution at pH. 4.2. 
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A.5.2: Induction time data for PNT experiment at three different temperatures 
 
The data below are the primary data for the primary nucleation threshold of aluminium 
hydroxyfluoride hydrate in acidic solutions at three different temperatures. The data was obtained by 
simply observing the metastable solutions till nucleation occurred. Nucleation was observed by a 
change of colour of the solution from clear to milky. A maximum observation time of 10 hrs was 
chosen. The induction time was bounded by the latest time when particles were definitely not present 
(T1), and the earliest time when nuclei was present (T2). The data at 25oC was supported by data 
observed from monitoring the pH of the solution. A drop in pH also indicated the onset of nucleation. 
 
Table A.5.1 Induction time for aluminium hydroxyfluoride hydrate metastable solution at 25, 
40 and 60 oC. 
25 oC  40 oC  60 oC 
         
pH T1 (min) T2 (min) pH T1 (min) T2 (min) pH T1 (min) T2 (min) 
3.031 10 10 3.022 10 10 3.024 10 10 
3.247 10 10 3.212 10 10 3.232 10 10 
3.425 10 10 3.438 10 10 3.431 10 10 
3.619 10 10 3.635 10 10 3.601 10 10 
3.816 10 10 3.842 10 10 3.822 8 9 
4.013 10 10 4.107 8 9 4.023 6 7 
4.242 10 10 4.236 8 9 4.253 4 5 
4.431 6 7 4.411 3 4 4.417 2 3 
4.611 5 6 4.635 1 2 4.644 0.75 1 
4.828 0 0 4.821 0 0 4.801 0 0 
5.023 0 0       
5.227 0 0       
 
T1 = Time to onset of nucleation, T2 = time till completion of nucleation 
 
  
Appendices 
292 
 
Appendix 6 
Appendices for Chapter 8 
 
This section contains selected raw data for the information presented in Chapter 8. 
 
 
A6.1 Particle size distribution of AHF 
The particle size distribution of AHF crystallized using the partial neutralization method was 
measured in the slurry. The crystals in the slurry form was found to be a better representative of the 
actual particle size when compared to the solid crystals. In the course of AHF crystallization, the 
particle size was observed to have an initial period of growth, followed by a period of continuous 
nucleation (section 8.4.2). The volume median size of the particle size distribution was found to 
reduce over time as nucleation proceeded. 
Figure A6.1 shows a plot of the particle size distribution over time. The volume median size trend for 
the 18 samples taken from one of the runs.  
 
Figure. A6.1: Typical AHF volume median size distribution.  
Table A6.1 presents the raw data for the particle size distribution for selected samples. While Table 
A6.2 present the excel programme that was used to convert the volume percent particle size 
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distribution to a number distribution. Table A6.3 contains the raw data for some of the particle size 
measurements presented in Figure 8.7. 
Table A6.1: Malvern volume % crystal size distribution. 
Upper in Sample 1 Sample 3 Sample 4 Sample 7 Sample 
10 
Sample 
11 
µm 0 mins 25 mins 34 mins 64 mins 244 mins 364 mins 
600 0 0 0 0 0.5 0.4 
492 0.1 0 0.1 0.1 0.4 0.5 
404 0.1 0.1 0.1 0.1 0.4 0.7 
332 0.1 0.2 0.2 0.2 0.4 0.8 
272 0.2 0.3 0.4 0.4 0.6 0.9 
224 0.4 0.6 0.9 0.7 1 1.1 
183 0.9 1.4 1.8 1.6 1.7 1.6 
151 1.7 2.9 3.4 3.1 2.8 2.4 
124 3.3 5.5 6.2 5.6 4.7 4.1 
101 5.4 8.5 9 8.5 6.6 6.3 
83.3 8.1 11.6 11.8 11.5 9.2 8.8 
68.3 10.4 12.9 12.7 12.7 10.6 10.7 
56.1 12 13 12.5 12.9 11.9 11.4 
46 11.7 11 10.5 10.9 10.5 10.6 
37.8 10.6 8.9 8.5 8.9 9.3 9 
31 8.6 6.5 6.2 6.4 7 7 
25.5 6.9 4.8 4.6 4.7 5.4 5.3 
20.9 5.3 3.5 3.3 3.4 3.9 4 
17.1 4.1 2.6 2.4 2.5 2.9 3.1 
14.1 3 1.9 1.8 1.8 2.2 2.4 
11.6 2.2 1.3 1.2 1.3 1.7 1.9 
9.48 1.6 1 0.9 1 1.4 1.6 
7.78 1.2 0.6 0.6 0.7 1.2 1.4 
6.39 0.8 0.4 0.4 0.5 1 1.2 
5.24 0.5 0.2 0.2 0.3 0.8 1 
4.3 0.3 0.1 0.1 0.2 0.6 0.7 
3.53 0.2 0 0 0 0.4 0.5 
2.9 0.1 0 0 0 0.3 0.3 
2.38 0.1 0 0 0 0.2 0.2 
1.95 0 0 0 0 0.1 0.1 
1.6 0 0 0 0 0.1 0.1 
1.32 0 0 0 0 0.3 0.1 
Total 99.9 99.8 99.8 100 100.1 100.2 
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Table A6.2: Malvern conversion program 
 
* This excel version written by E.T White, Univ. of Queensland. 
 
 
CONVERSION  OF  MALVERN  RESULTS
Insert: 1.Identif ication (optional) 2.Lens size, 3.Suspn. Convn. factor and 4.Values of % vol in range into yellow  boxes
  A null % vol in range entry is taken as zero.    Do not attempt to alter other cells.
       Identif ication:   Gamma distribution test run 10/2/00
Lens f = 300  mm
Suspn  Convn. Fact = 2.00E-05  m^3/kg
P o p den P o p den
Lo Size  Vol C um #  /  C um #  /  M id Size lin lo g  Moments about origin (ratiod to mu3)
um % kg spsn.  unit  mu3 um #/um kg sl # /kg sl   (divide by f irst to get 'normalised' values)
492.47 0 0.00E+00 0.00E+00 543.58 0.00E+00 0.00E+00 (in um units)
404.21 0 0.00E+00 0.00E+00 446.16 0.00E+00 0.00E+00 0,3 1.7E-05  um-3
331.77 0.01 4.07E+01 2.04E+06 366.20 5.62E-01 4.75E+02 1,3 0.00041  um-2
272.31 0.06 4.83E+02 2.41E+07 300.57 7.43E+00 5.15E+03 2,3 0.01668  um-1
223.50 0.37 5.41E+03 2.71E+08 246.70 1.01E+02 5.75E+04 3,3 1
183.45 1.45 4.03E+04 2.02E+09 202.49 8.72E+02 4.07E+05 4,3 80.162  um
150.57 3.93 2.12E+05 1.06E+10 166.20 5.21E+03 2.00E+06 5,3 8062.39  um2
123.58 7.79 8.25E+05 4.13E+10 136.41 2.27E+04 7.15E+06
101.44 11.92 2.52E+06 1.26E+11 111.96 7.67E+04 1.98E+07  Moments about mean (number, normalised)
83.26 14.72 6.32E+06 3.16E+11 91.90 2.09E+05 4.42E+07 mean 23.83  um
68.34 15.24 1.34E+07 6.71E+11 75.43 4.76E+05 8.28E+07 m2 396.03  um2
56.09 13.63 2.49E+07 1.25E+12 61.91 9.38E+05 1.34E+08 m3 1.596E+04  um3
46.04 10.8 4.14E+07 2.07E+12 50.81 1.64E+06 1.92E+08
37.79 7.76 6.28E+07 3.14E+12 41.71 2.59E+06 2.49E+08
31.01 5.13 8.83E+07 4.42E+12 34.23 3.78E+06 2.98E+08  Means  um
25.46 3.17 1.17E+08 5.84E+12 28.10 5.14E+06 3.33E+08 1,0 23.83
20.89 1.86 1.47E+08 7.36E+12 23.06 6.65E+06 3.54E+08 2,0 31.04
17.15 1.04 1.78E+08 8.89E+12 18.93 8.19E+06 3.58E+08 3,0 38.66
14.08 0.56 2.08E+08 1.04E+13 15.54 9.72E+06 3.48E+08 3,2 59.97
11.55 0.29 2.36E+08 1.18E+13 12.75 1.11E+07 3.26E+08 4,3 80.16
9.48 0.15 2.62E+08 1.31E+13 10.47 1.26E+07 3.05E+08
7.78 0.07 2.84E+08 1.42E+13 8.59 1.30E+07 2.57E+08  Spread and Shape
6.39 0.04 3.07E+08 1.53E+13 7.05 1.64E+07 2.66E+08 sd (num) 19.901  um
5.24 0.02 3.27E+08 1.64E+13 5.79 1.80E+07 2.41E+08 sd (vol) 40.45  um
4.30 0.01 3.46E+08 1.73E+13 4.75 1.99E+07 2.18E+08 CV(num) 0.835
3.53 0 3.46E+08 1.73E+13 3.90 0.00E+00 0.00E+00 CV(vol) 0.505
2.90 0 3.46E+08 1.73E+13 3.20 0.00E+00 0.00E+00 Sk (num) 2.02
2.38 0 3.46E+08 1.73E+13 2.63 0.00E+00 0.00E+00
1.95 0 3.46E+08 1.73E+13 2.16 0.00E+00 0.00E+00
1.60 0 3.46E+08 1.73E+13 1.77 0.00E+00 0.00E+00
1.32 0 3.46E+08 1.73E+13 1.45 0.00E+00 0.00E+00
1.08 0 3.46E+08 1.73E+13 1.19 0.00E+00 0.00E+00
Sum = 100.02
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Table A6.3: Particle size distribution of slurry crystals 
Sample 1 Sample 2 Sample 3 Sample 5 Sample 9 Sample 12 Sample 15 Sample 18 
Upper in Upper in Upper in Upper in Upper in Upper in Upper in Upper in 
µm V 
(%) 
µm V 
(%) 
µm V 
(%) 
µm V(%) µm V(%) µm V(%) µm V(%) µm V(%) 
600 0 600 0.1 600 0.1 600 0.5 600 0.1 600 0 600 0 600 0 
492 0.1 492 0.1 492 0.2 492 0.3 492 0.1 492 0.1 492 0.1 492 0 
404 0.1 404 0.2 404 0.3 404 0.5 404 0.3 404 0.1 404 0.2 404 0.1 
332 0.2 332 0.4 332 0.5 332 0.8 332 0.5 332 0.2 332 0.4 332 0.1 
272 0.3 272 0.8 272 1 272 1.4 272 1 272 0.4 272 0.7 272 0.1 
224 0.6 224 1.5 224 1.9 224 2.3 224 1.9 224 0.7 224 1.3 224 0.2 
183 1.2 183 3.1 183 3.7 183 4.3 183 3.7 183 1.7 183 2.6 183 0.4 
151 2.2 151 5.3 151 6 151 6.4 151 6.1 151 3.4 151 4.6 151 0.7 
124.0 4.3 124.0 8.7 124.0 9.5 124.0 9.8 124.0 9.6 124 6.3 124 7.7 124 1.5 
101.0 6.8 101.0 11.4 101.0 11.7 101.0 11.5 101.0 11.7 101 9.6 101 10.5 101 2.9 
83.3 10.4 83.3 13.9 83.3 13.8 83.3 13.5 83.3 13.7 83.3 12.4 83.3 12.7 83.3 5.2 
68.3 12.7 68.3 13.4 68.3 12.8 68.3 12.3 68.3 12.7 68.3 13.2 68.3 12.7 68.3 7.9 
56.1 14.2 56.1 12.3 56.1 11.6 56.1 11.3 56.1 11.6 56.1 12.6 56.1 11.8 56.1 10.7 
46.0 12.3 46.0 9 46.0 8.4 46.0 8.1 46.0 8.4 46 10.6 46 9.5 46 12.1 
37.8 10 37.8 6.7 37.8 6.3 37.8 6.1 37.8 6.3 37.8 8.4 37.8 7.4 37.8 12.1 
31.0 6.9 31.0 4.3 31.0 4 31.0 3.8 31.0 4 31 6.2 31 5.3 31 10.4 
25.5 4.8 25.5 2.9 25.5 2.7 25.5 2.6 25.5 2.8 25.5 4.4 25.5 3.8 25.5 8.5 
20.9 3.2 20.9 1.9 20.9 1.7 20.9 1.6 20.9 1.8 20.9 3.1 20.9 2.7 20.9 6.5 
17.1 2.2 17.1 1.3 17.1 1.2 17.1 1 17.1 1.2 17.1 2.2 17.1 1.9 17.1 5.1 
14.1 1.6 14.1 0.9 14.1 0.8 14.1 0.7 14.1 0.8 14.1 1.5 14.1 1.3 14.1 3.8 
11.60 1.2 11.60 0.6 11.60 0.5 11.60 0.5 11.60 0.5 11.6 1 11.6 0.9 11.6 2.9 
9.48 0.9 9.48 0.4 9.48 0.4 9.48 0.3 9.48 0.4 9.48 0.8 9.48 0.7 9.48 2.3 
7.78 0.8 7.78 0.3 7.78 0.3 7.78 0.2 7.78 0.3 7.78 0.5 7.78 0.4 7.78 1.8 
6.39 0.7 6.39 0.2 6.39 0.2 6.39 0.1 6.39 0.2 6.39 0.3 6.39 0.3 6.39 1.5 
5.24 0.6 5.24 0.1 5.24 0.1 5.24 0.1 5.24 0.1 5.24 0.2 5.24 0.2 5.24 1.2 
4.30 0.5 4.30 0.1 4.30 0.1 4.30 0.0 4.30 0.1 4.3 0.1 4.3 0.1 4.3 0.8 
3.53 0.4 3.53 0.0 3.53 0.0 3.53 0.0 3.53 0.0 3.53 0 3.53 0 3.53 0.5 
2.90 0.3 2.90 0.0 2.90 0.0 2.90 0.0 2.90 0.0 2.9 0 2.9 0 2.9 0.3 
2.38 0.2 2.38 0.0 2.38 0.0 2.38 0.0 2.38 0.0 2.38 0 2.38 0 2.38 0.2 
1.95 0.2 1.95 0.0 1.95 0.0 1.95 0.0 1.95 0.0 1.95 0 1.95 0 1.95 0.1 
1.60 0.2 1.60 0.0 1.60 0.0 1.60 0.0 1.60 0.0 1.6 0 1.6 0 1.6 0.1 
1.32 0.2 1.32 0.0 1.32 0.0 1.32 0.0 1.32 0.0 1.32 0 1.32 0 1.32 0.1 
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Appendix 7 
Table A7.1contains selected raw data for the Figures presented in Chapter 9 (Figures 9.6). 
Table A7.1: Solution composition for solution evaporation crystallization 
S/N Time 
(mins) 
pH Al 
(mg/l) 
Na 
(mg/l) 
S 
(mg/l) 
S/N Time 
(mins) 
pH Al 
(mg/l) 
Na 
(mg/l) 
S 
(mg/l) 
100 oC a 100 oC b 
1A 0 4.30 6045 19765 17701 1B 0 4.13 6101 20380 17793 
2A 3 4.22 5646 19547 17207 2B 3 4.11 5495 19734 17361 
3A 6 4.13 5543 20257 16756 3B 6 3.99 5518 20456 17536 
4A 9 4.00 5431 20149 16993 4B 9 3.52 5369 20514 17462 
5A 12 3.53 5224 19916 17155 5B 12 2.93 5312 20929 18848 
6A 15 3.01 5400 21013 18619 6B 15 2.71 5253 21364 17718 
7A 20 2.72 5292 21536 18966 7B 20 2.54 5154 21546 19219 
8A 25 2.59 5165 21080 18334 8B 25 2.44 5217 22122 18874 
9A 30 2.52 5432 22388 20227 9B 30 2.38 5455 23219 20501 
10A 35 2.45 5670 23783 21076 10B 35 2.31 5938 25674 22603 
11A 40 2.40 5716 24162 21403 11B 40 2.28 5767 25266 21796 
12A 45 2.36 5926 25170 22744 12B 45 2.25 6016 26370 23872 
13A 55 2.30 6071 26442 22568 13B 55 2.19 6670 29730 26640 
14A 70 2.24 7222 31338 27194 14B 70 2.10 7685 35034 30956 
15A 90 2.16 9193 39714 36999 15B 90 2.00 10847 49194 46336 
85oC  25oC 
0 Stat sol 0.93 6006 12805 18937 1A 0 4.30 6045 19765 17701 
1 w.sol 4.43 4540 20845 15701 2A 3 4.22 5646 19547 17207 
2 1 4.43 4441 20927 14960 3A 6 4.13 5543 20257 16756 
3 2 4.43 4426 21042 15199 4A 9 4.00 5431 20149 16993 
4 3 4.32 4381 21155 15343 5A 12 3.53 5224 19916 17155 
5 5 4.18 4348 21252 15765 6A 15 3.01 5400 21013 18619 
6 7 3.63 4268 21168 15537 7A 20 2.72 5292 21536 18966 
7 9 3.30 4253 21218 15943 8A 25 2.59 5165 21080 18334 
8 11 3.18 4213 21136 15162 9A 30 2.52 5432 22388 20227 
9 13 3.08 4098 20856 15500 10A 35 2.45 5670 23783 21076 
10 18 2.86 4106 21286 15623 11A 40 2.40 5716 24162 21403 
11 23 2.79 4156 21881 16217 12A 45 2.36 5926 25170 22744 
12 28 2.71 4076 21716 15991 13A 55 2.30 6071 26442 22568 
13 33 2.66 3993 21548 15475 14A 70 2.24 7222 31338 27194 
14 43 2.59 4067 22526 16253 15A 90 2.16 9193 39714 36999 
15 63 2.49 4093 23063 16829       
16 73 2.45 4271 24518 17944       
 
 
